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Abstract
In Canada, the proposed disposal method for high level nuclear waste involves sealing
the waste in steel containers with a 3 mm outer copper coating and burying it in a deep geologic repository. However, the thickness of the container is significantly reduced making a
reassessment of the influence of γ-radiation, emitted by the waste form, on container corrosion
a potential licensing requirement. Under humid aerated conditions, the formation of nitric acid
is expected, potentially resulting in the formation of droplets or wetted layers on the container
surface. Currently available literature on the corrosion of copper in nitric acid does not provide
sufficient evidence to determine the extent of container corrosion.
The effect of high copper surface area to solution volumes (SA/V) was investigated by
monitoring the pH and dissolved copper content in a small cell. The corrosion rate was shown
to be dependent on the oxygen concentration with significant damage in its presence but little
damage in its absence. Nitric acid had only a minor effect on the corrosion rate. Scanning electron microscopy (SEM) showed that the deposition of corrosion products prevented significant
corrosion penetration.
The kinetics of corrosion were investigated in cells with a low SA/V ratio using corrosion
potential and polarization resistance measurements to follow the kinetics, and SEM and Raman spectroscopy to investigate the corrosion products. The corrosion rate was found to be
independent of proton and nitrate concentrations and first order with respect to oxygen concentration. X-ray photoelectron spectroscopy showed that nitrate adsorption occurred on the
copper surface when oxygen was absent. Nitrite, the product of nitrate reduction was found to
react rapidly with copper leading to a high corrosion rate. Chloride, the most common anion
in analyzed groundwaters, was found to have a negligible effect on corrosion despite its ability
to increase cuprous ion solubility by complexation.
It was demonstrated that the key role of oxygen was to produce cuprous ions which then
catalyzed the reduction of nitrate to the much more aggressive nitrite with the cupric ion formed
then reacting with copper in a catalytic cycle to reproduce the cuprous ion.
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Summary for Lay Audiences
Many countries throughout the world have adopted a plan for the permanent disposal of
high level nuclear waste that includes sealing it in metallic containers and burying it in a suitable deep geologic repository (DGR). For thick-walled containers, gamma (γ) radiation fields
on the outside of the container will have a negligible influence on container corrosion. However, to overcome fabrication issues and to reduce costs, steel containers with a 3 mm outer
copper, Cu, coating are being designed in Canada making a reassessment of the influence of
γ-radiation on container corrosion a potential licensing requirement.
A combination of radiolysis calculations and electrochemical/corrosion experiments are
underway in the key environments anticipated in the early stages of disposal when radiation
fields are significant and aerated vapour conditions will be evolving to anoxic saturated conditions. HNO3 is potentially one of the most influential species produced during the aerated
vapour phase and could concentrate in condensed water on the container exterior surface potentially resulting in corroded locations. The goal of this project was to investigate the mechanism
and determine the rate of this corrosion process with the longer-term goal of developing a
model to assess the total damage expected over the period when the gamma radiation field is
significant.
The ability of NO−3 to induce corrosion by itself and in the presence of other species expected to be present under repository conditions (including O2 , NO−2 , and Cl− ) was investigated.
Despite its ability to react with Cu, NO−3 strongly adsorbs to the Cu surface under most conditions, forming a partially passivating layer, and induces very little corrosion. Additional species
including O2 and NO−2 can compete with NO−3 for surface adsorption sites and induce significant, general corrosion. However, due to limited solution volume in the anticipated condensed
water layer, this corrosion would lead to the deposition of corrosion products which effectively
prevent further corrosion. Thus, corrosion induced by HNO3 will be minimal unless an additional oxidant is present. If corrosion does occur, it will be self regulated and its effect will be
negligible in terms of the overall corrosion allowance of the used nuclear fuel container.
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Chapter 1
Introduction and Literature Review

1.1

Nuclear Power and High Level Waste Disposal in
Canada

1.1.1

Nuclear Power and Current Waste Storage

Nuclear power generation has been a main energy supplier in Canada since the 1960’s. In
2012, nuclear energy accounted for 16.4% of Canada’s total energy usage, with the highest
reliance of 56.9% in Ontario [1]. The use of nuclear energy results in spent fuel, which cannot
be disposed of using traditional waste disposal methods. For more than 25 years, spent fuel
has been accumulating in storage facilities while possible permanent disposal scenarios are
researched. In Canada, 2.9 million fuel bundles were in either wet or dry storage as of June
2019. Each year, approximately 87,000 more bundles are generated and put into short term
storage facilities [2]. The proposed long-term management strategy for used nuclear fuel in
Canada is permanent disposal in a deep geological repository (DGR).
Currently, the spent fuel from Canada’s CANDU (Canadian Deuterium Uranium) reactors
goes through interim temporary storage phases before it is considered ready for permanent
disposal in a DGR. Over ∼ 10 years while radiation fields are particularly intense, Figure

1
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1.1, the spent CANDU fuel bundles are stored in water pools. Subsequently, the bundles are
transported to dry storage containers, which are designed with a minimum lifetime of 50 years
[3]. However, the radiation fields associated with the decay of fission products and actinides
will remain significant for up to 105 years, Figure 1.1 [4].

Figure 1.1: Radiation dose rates as a function of time (since discharge from reactor) to a layer
of H2 O in contact with a CANDU fuel bundle with a burnup of 220 MWh/kg uranium [4].

1.1.2

Permanent Disposal of Spent Nuclear Fuel

1.1.2.1

The Deep Geological Repository: A Multiple-Barrier System

The internationally accepted method for the permanent disposal of high level nuclear waste
is to emplace it in a DGR. Such a DGR will be comprised of multiple barriers; the fuel pellet,
the fuel bundle, the used fuel container, the bentonite clay, and the geosphere, as depicted in
Figure 1.2. This ensures that the failure of individual barriers will not, alone, result in the
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release of radionuclides to the environment [4–6].

Figure 1.2: Schematic of the five barriers associated with the NWMO’s proposed DGR [6].

The fuel is comprised of sintered UO2 pellets and is considered the first barrier because of
its inherent stability. Since UO2 is highly insoluble, and moderately corrosion resistant, it is
not expected to react rapidly leading to the release of radionuclides if exposed to ground water.
The second barrier is the fuel cladding which is fabricated from Zircaloy. When in reactor
the fuel pellets are sealed within the cladding. Zircalloy is an ideal material for use in a reactor
because of its ability to maintain its mechanical properties under high temperatures and its
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corrosion resistance. These properties would also make it a beneficial barrier within a DGR
since it would retain its high resistance.
The used fuel container (UFC) is the third barrier, the first to be engineered, and the only
absolute barrier within the DGR once sealed and emplaced. The current proposed design of
the UFC is discussed below in section 1.1.2.2.
Once emplaced in the DGR, the UFC will be surrounded by bentonite clay, which acts as
the fourth barrier by swelling when it comes in contact with ground water. To facilitate this
sealing process, and efficiently seal the container from its surroundings, the clay is compacted
to form specially designed boxes in the following manner. The clay itself is excavated from
natural deposits and subsequently filtered to achieve a uniform particle size. Water is added and
the clay compacted to form a block with a specific high density. These blocks are then hollowed
out to accommodate the UFC. After emplacement in the DGR, all the empty spaces around the
blocks will be filled with a lower density bentonite gapfill. Once the clay comes in contact with
groundwater it will absorb water and swell, sealing the area around the container, effectively
eliminating water flow and significantly reducing the transport of soluble species. Bentonite
also has additional beneficial characteristics. Two major benefits include the prevention of
biological activity at locations close to the UFC because of the very small pore size of the
clay following swelling, and its cation exchange properties that would facilitate sequestering
of radioactive cations released from the fuel in the case of a container failure.
The final barrier is the geosphere. The spent fuel will be approximately 500 m below the
earth’s surface in a stable geological location comprised of either sedimentary or crystalline
rock. In either formation the repository will be isolated from human activities and natural
disasters. At this depth, ground water will be anoxic and its movement will be extremely slow,
on the order of 1.0 mm per year. This means that water at that depth will not be reintroduced
into the water table near the Earth’s surface for over 100,000 years. This allows a sufficient
amount of time for the radioactivity of any released radionuclides to decay to innocuous levels.
The combination of all five barriers would be sufficient to ensure the required isolation of
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the fuel until radionuclides have decayed to innocuous levels [4–6].

1.1.2.2

Used Nuclear Fuel Container

The current design of the UFC is an adaptation of that proposed by the Swedish nuclear
fuel and waste management company, Svensk Kärnbränslehantering AB (SKB), optimized to
contain CANDU fuel. Figure 1.3 shows a schematic of the container, referred to as the Mark
II container, with labels bringing attention to some of the unique aspects of its design. One
of the largest differences between the Mark II and the original SKB design is the overall size
and shape of the canister. The Mark II design measures 2.5 m in length and 0.6 m in diameter,
in comparison to the ∼ 4.8 m by ∼ 1.0 m of the SKB design, shown in Figure 1.4. This
size difference is a result of the spent fuel inventory of the respective countries with Canada
having CANDU fuel and Sweden having both boiling water reactor (BWR) and pressurized
water reactor (PWR) fuel. CANDU fuel has significantly smaller dimensions than the fuel
used in either BWRs or PWRs. Besides allowing the change in design, this also results in

Figure 1.3: Schematic of the Mark II container proposed by NWMO with highlights indicating
the major design features [7].
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a significantly reduced canister weight with the Mark II design weighing ∼ 2.8 tonnes when
loaded with 48 fuel bundles in contrast to the SKB containers which weigh 24.65 and 26.75
tonnes when loaded with BWR and PWR fuel, respectively.

Figure 1.4: The current SKB used fuel canister design [8].

This decreased size and weight makes it possible to fabricate the Mark II containers with a
thin Cu coating, only 3 mm thick, instead of the Cu shell approximately 50 mm thick used for
the SKB containers. It is proposed this Cu coating will be applied using electrodeposition for
the main container body with the final closure weld being applied using a cold spray technique.
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Electrodeposition is a technique that can produce a uniform, low stress coating with very few
contaminants and little to no void space. The cold spray technique will result in a less uniform
coating, but with the stress and increased void density mitigated using an annealing process.
Cold spray is the method of choice for applying the coating to the welded area as it can be
fully automated and carried out rapidly, ultimately reducing the container handling time once
the spent fuel has been loaded into the container and the radiation fields are significant. The
Cu outer layer will act as the key corrosion barrier, and is designed to ensure the container will
isolate the waste from the environment for approximately one million years [7–9].

1.1.3

Evolution of Repository Conditions

Following emplacement in the DGR, the UFC will be exposed to conditions which evolve
with time. This evolution in exposure conditions must be taken into consideration when determining the container corrosion behaviour. Variables including temperature, relative humidity,
saturation, O2 concentration, and the concentration of groundwater species all of which will
vary with time. In Canada, groundwater is expected to contain many anions including Cl− ,
−
−
2+
2−
SO2−
4 , CO3 , and Ca , with Cl being the most prevalent (0.1M ≤ [Cl ] ≤ 5M). Figure 1.5

illustrates calculated temperature, relative humidity, and saturation levels that could occur in a
DGR as a function of time following closure. The evolution of these parameters at the container
surface are all closely related. The increase in temperature is directly related to the radionuclide decay processes occurring within the container and the resulting emitted heat. This heat
is responsible for the observed decrease in both relative humidity and saturation at very early
times after enclosure, Figure 1.5. This drying of the bentonite surrounding the container allows
the temperature to continue to increase until the groundwater can flow through the bentonite
clay, back to the container surface. This resaturation process is driven by the immense pressure
of the earth on top of the DGR but the combination of bentonite swelling on wetting and the
continuous emission of heat cause this flow to be extremely slow, with saturation of the local
environment only anticipated after approximately 80 years. Following saturation, the temper-
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Figure 1.5: The calculated possible evolution of temperature, relative humidity, and saturation
in a crystalline host rock Canadian DGR with respect to time. The horizontal, black dotted
line represents the critical humidity that will result in deliquescence if the primary salt present
is NaCl. Subsequently, the two vertical, black dotted lines enclose the region within which
deliquescence is not possible [10].

ature at the container surface will gradually decrease with a time dependence dictated by the
radioactive decay sequence illustrated in Figure 1.1 [4, 10].
While O2 trapped in the DGR on sealing will be consumed by reactions with oxidizable
material in the clay and by minor corrosion of the container, the exact rate of its consumption
will depend on the redox properties of the clay and the DGR location and geometry. Current
estimates suggest consumption could be complete after a period as short as one year after sealing. The concentrations of other species in the water, in particular anions, eventually contacting
the container will depend on the original groundwater composition and how it is modified by
contact with the clay [10–14].
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Radiolysis

The decrease in the container wall thickness for the Mark II compared to the SKB design introduces the possibility of radiolytic corrosion on the outside of the container. Radiolysis is the
process by which molecules or atoms decompose when exposed to ionizing radiation. When
occurring in a liquid, this decomposition leads to a variety of stable and non-stable species
which can undergo subsequent reactions. Under continuous radiation, small concentrations of
non-stable species will be present but they will continuously convert to stable species. Under
non-continuous radiation, the unstable radiolysis products will rapidly react leaving only the
stable radiolytic species. Figure 1.6 illustrates the radiolysis products and subsequently formed
species which occur when H2 O is exposed to radiation. The lifetimes of the many non-stable

Figure 1.6: The possible reaction pathways associated with water radiolysis where ”S” represents any solute molecule that can interact with unstable species [15].

species are very short, with the formation of stable species occurring after only 1 × 10−4 s. For
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water radiolysis, the stable species include H2 , H2 O2 , O2 , H2 O and any stable species resulting
from the reactions of solute molecules with the non-stable water radiolysis intermediates. The
concentrations of the produced species depend on the type of radiation causing radiolysis (α, β
, and/or γ) as well as the solute species present [15, 16].
Under DGR conditions, the container will be exposed to first humid air and then fully
saturated conditions, Figure 1.5. Under both conditions, corrosion processes resulting from
the formation of radiolytic oxidants can occur. Once the repository is fully saturated, liquid
water radiolysis will occur as shown in Figure 1.6, with H2 O2 as the main radiolytic oxidant. However, humid air radiolysis introduces a variety of other stable, potentially oxidizing,
species. Reactions 1.1 to 1.3 demonstrate the various gaseous intermediates resulting from the
γ-radiolysis of N2 , O2 , and H2 O(g) . Any species with an asterix denotes an excited state of the
molecule.
γ

N2 −→ N+2 (g) , N+(g) , e−(g) , N(g) , N∗2(g)
γ

(1.1)

O2 −→ O+2 (g) , O+(g) , e−(g) , O(g) , O∗2(g)

(1.2)

H2 O(g) −→ H2 O+(g) , H2(g) , O(g) , OH(g) , H(g) , O+(g) , e−(g) , H+(g) , OH+(g)

(1.3)

γ

The recombination of these radiolysis products via various reactions can lead to the production
of many different species. A model was developed by Morco et al. to calculate the concentrations of the major gaseous products from humid air radiolysis. It was reported that HNO3
was the most abundant product of humid air radiolysis at high humidity, an abundant product
at low humidity, but not present in the absence of H2 O, Figure 1.7 [17]. These products can
deliquesce onto the container surface or dissolve into pre-existing water layers. Once in an
aqueous form, additional HNO3 can be produced through the radiolysis of the various NO x
species [18].
Corrosion of the Cu coating by condensed HNO3 is a concern for the integrity of the UFC.
HNO3 is a strong acid capable of oxidizing Cu. The mechanism for this corrosion process is
the focus of the research in this project.
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Figure 1.7: γ-radiolysis product concentrations with respect to time for various relative humidities at a dose rate of 1 Gy/h [17].

1.2
1.2.1

Corrosion Fundamentals
Thermodynamics

Corrosion is a materials degradation process involving the coupling of two half reactions,
one behaving anodically and the other cathodically. Equations 1.4 to 1.6 demonstrate generic
anodic, cathodic, and overall reactions; where M is a metal, Ox is an oxidant, and Red is a
reductant. In the case of Cu, this process will involve either a one or two electron (e− ) transfer
to produce Cu+ and Cu2+ , respectively.

M

M n+ + ne−

Ox + ne−
M + Ox

Red
M n+ + Red

(anodic reaction)

(1.4)

(cathodic reaction)

(1.5)

(overall reaction)

(1.6)

The spontaneity of such a reaction will be dependent on thermodynamics, with a positive standard Gibbs free energy (∆G◦ ) indicating spontaneity in the reverse direction and a negative
∆G◦ indicating spontaneity in the forward direction. The ∆G◦ for each half reaction can be
obtained using the standard electrochemical potential (E◦ ) of each reaction and Equation 1.7.
This equation can also be used for non-standard conditions using the Gibbs free energy (∆G)

Chapter 1. Introduction and Literature Review

12

and equilibrium electrochemical potential (Eeq ), as shown in Equation 1.8,
∆G◦ = −nFE◦

(1.7)

∆G = −nFEeq

(1.8)

where n is the number of electrons transferred in the reaction and F is Faraday’s constant
(96.485 C/mol).
∆G for non standard conditions can be calculated from the ∆G◦ using Equation 1.9, in
which R is the ideal gas constant (8.314 Jmol−1 K−1 ), T is the temperature in Kelvin, and Q
is the reaction quotient. The reaction quotient is the ratio of the activities of the products and
reactants although concentrations are typically used to facilitate the calculation.
∆G = ∆G◦ + RTlnQ

(1.9)

By substituting Equations 1.7 and 1.8 into Equation 1.9, a relationship between the Eeq and E◦
is established, Equation 1.10, which, on rearranging yields the Nernst equation, Equation 1.11
−nFEeq = −nFE◦ + RTlnQ
Eeq = E◦ −

RT
lnQ
nF

(1.10)

(1.11)

in which the reaction quotient, Q, follows Equation 1.12
Q=

Π[Products]A
Π[Reactants]B

(1.12)

where A and B are the coefficients for each respective product or reactant.
The Nernst equation is commonly used to investigate the thermodynamic spontaneity of
electrochemical reactions. This is done by taking Eeq for the reduction half reaction and subtracting the Eeq of the oxidation half reaction to obtain cell potential (ECell ). ECell can then
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be substituted into Equation 1.8 to determine the value of ∆G, and thus the overall reaction’s
spontaneity [19].
In the case of corrosion, the Nernst equations for various possible oxidation and reduction
reactions are commonly combined with possible chemical reactions, such as complexation and
solubility equilibria and used to construct Pourbaix (E-pH) diagrams. Such diagrams summarize the thermodynamically possible reactions for a known set of conditions. A Pourbaix
diagram for Cu is shown in Figure 1.8. This diagram only considers Cu, Cu2 O, and CuO as
solid species and incorporates multiple equilibrium boundary lines between the solid and solution species for different concentrations of the soluble species. The water stability region
is also indicated on the diagram by the lines labeled a and b. The slopes of the lines on the
Pourbaix diagram indicate which parameters, potential and/or pH, a reaction is dependent on.
A sloped line, such as the lower stability region for water (labeled a), is dependent on both.
This line is indicative of the reaction shown in Equation 1.13, with the corresponding Nernst
Equation, Equation 1.14.
2H+ + 2e−
Eeq = E◦ −

H2

RT ρH2
ln
nF [H+ ]2

(1.13)
(1.14)

Assuming that the partial pressure (ρH2 ) of H2 gas is 1 atm, this equation can be rearranged and
specified in terms of pH, as shown in Equation 1.15.
Eeq = E◦ − 0.059 · pH

(1.15)

This equation can then be directly plotted in a Pourbaix diagram with the reaction proceeding
in the reverse direction in the area above the line and in the forward direction below the line.
The slope of the resulting line is directly related to the ratio of the number of electrons to the
number of protons involved in the reaction.
Chemical dissolution processes that have no potential dependence, Reaction 1.16, are plotted as vertical lines and electrochemical reactions with no pH dependence, Reaction 1.17, result
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Figure 1.8: Pourbaix diagram considering Cu, Cu2 O, and CuO as the only possible solid
species [20].

in horizontal lines [19–21].

CuO + H2 O

Cu2+ + 2OH−

Cu2+ + 2e−

Cu

(1.16)
(1.17)
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Electrochemical and Corrosion Kinetics

For corrosion processes, kinetics rather than thermodynamics commonly dictate the reaction path. While each half reaction will be controlled by its own rate constant, the need to
couple anodic and cathodic half reactions dictates that both must occur at the same rate in the
overall corrosion process. The rate of a chemical reaction can be expressed using Equation
1.18,
Rate = kc

(1.18)

where k is the rate constant and c is the concentration of the reacting species. For an electrochemical reaction, the rate can be expressed as a current according to Faraday’s law,
Equation1.19,
Rate =

I
nF

(1.19)

where I is the current density, n is the number of electrons transferred, and F is Faraday’s
constant. Thus, for an electrochemical reaction, the rate is expressed as a current density with
the rates for an anodic and cathodic reaction given by Equations 1.20 and 1.21, respectively,
IA = nFka cR

(1.20)

IC = −nFkc cO

(1.21)

O + ne−

(1.22)

for the general reaction
R

where ka and kc are the anodic and cathodic rate constants, and cR and cO are the concentrations
of the reductant (R) and oxidant (O) in Equation 1.22, respectively. The overall current density
(I) of the reversible reaction at any applied potential will be equal to the sum of the anodic and
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cathodic current densities, resulting in Equation 1.23.
I = IA + IC = nFka cR − nFkc cO

(1.23)

Both rate constants, ka and kc , are electrochemical rate constants and, therefore, potential dependent, Equations 1.24 and 1.25,
 α nF

a
(E − Eeq )
RT

(1.24)


 α nF
c
(E − Eeq )
kc = k exp −
RT

(1.25)

ka = k◦ exp

◦

where k◦ is the standard rate constant, which expresses the rate at which the reaction proceeds
reversibly at equilibrium; α is the transfer coefficient, indicating the symmetry of the energy
barrier; and E is the potential. For simple electron transfer reactions, the anodic and cathodic
transfer coefficients sum to 1, Equation 1.26,
αa + αc = 1

(1.26)

and the terms can be simplified to α and 1 − α for the forward and backward reactions, respectively. Unless the reaction is significantly non-symetrical, both values will be approximately
0.5.
Substituting Equations 1.24 and 1.25 into Equation 1.23, yields Equation 1.27.
#
 αnF

(1 − α)nF
◦
I = nFk exp −
(E − Eeq ) cO − nFk exp
(E − Eeq ) cR
RT
RT
"

◦

(1.27)

Further rearrangement of Equation 1.27, while considering the definition of overpotential (η),
Equation 1.28,
η = E − Eeq

(1.28)
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results in the Butler-Volmer Equation, Equation 1.29,
#
 αnF #
(1 − α)nF
I = I◦ exp
η − exp −
η
RT
RT
"

"

(1.29)

in which the exchange current density (I◦ ) is related to the standard rate constant by the relationship
I◦ = nFk◦ c(1−α)
cαR
O

(1.30)

and defines the reaction rate, or current, when η = 0.
This current-potential relationship can be represented graphically as shown in Figure 1.9,
where the dashed lines represent the individual cathodic and anodic currents and the solid line
depicts the measurable overall current. Labels for IA and IC have been included to illustrate
the reaction rate at Eeq despite an overall zero current. At a sufficiently large η, the reaction
becomes irreversible and the anodic or cathodic process dictates the overall current response.
In the case of a large anodic η, the cathodic contribution approaches zero, and the measurable
current is expressed by Equation 1.31,
(1 − α)nF
η
I = IA = I◦ exp
RT
"

#
(1.31)

This equation can also be expressed logarithmically, Equation 1.32,
log(IA ) = log(I◦ ) +

(1 − α)nF
η
RT

(1.32)

resulting in a linear relationship between log(IA ) and η with the y-intercept yielding log(I◦ ) and
the slope yielding the anodic Tafel coefficient, βA
βA =

2.303RT
αnF

(1.33)

An identical procedure using a large, negative η yields the cathodic Tafel coefficient, βC .

Chapter 1. Introduction and Literature Review

18

Figure 1.9: The current-potential relationship for a simple electrochemical reaction defined
by the Butler-Volmer equation. The red dashed line represents the cathodic current; the blue
dashed line represents the anodic current; and the black line the overall relationship. The
influence of an applied overpotential (η) is shown for the anodic reaction. At η = 0, I◦ = IA =
|IC |.

In the case of a corrosion process, two electrochemical reactions will occur simultaneously
and the kinetics of these individual reactions will dictate those of the overall process. When
coupled, the resulting potential, the corrosion potential (ECorr ), will lie between (Eeq )Cathodic
and (Eeq )Anodic . Under these conditions, an overpotential is applied to each process such that
the reduction kinetics of the cathodic reaction will couple with the oxidation kinetics of the
anodic reaction to produce an overall current-potential relationship very similar to the ButlerVolmer relationship, Figure 1.9. This current-potential relationship is the Wagner-Traud equa-
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tion, Equation 1.34,

 α nF

 α nF

a
c
I = ICorr exp
E − ECorr − exp −
E − ECorr
RT
RT

(1.34)

where the corrosion current (ICorr ) is the rate of the corrosion reaction at ECorr , when no external
potential control is applied. Since the anodic and cathodic terms for the corrosion reaction
come from their respective half reactions, each a different reversible electrochemical reaction,
αA and αC are no longer bound by Equation 1.26.
The Wagner-Traud relationship is similar in form to the Butler-Volmer relationship, Figure
1.10. As with the Butler-Volmer equation the Wagner-Traud equation can be simplified for

Figure 1.10: The current-potential relationship for a corrosion reaction where the red line is the
cathodic Butler-Volmer relationship for a general oxidant, the blue line is the anodic ButlerVolmer relationship for a general metal, and the black line is the measurable current according
to the Wagner-Traud relationship.
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sufficiently high overpotentials (η = E ± ECorr ) to yield Tafel plots. For example, the anodic
Tafel relationship is given by Equation 1.35.
log(IA ) = log(ICorr ) +

αA nF
η
RT

(1.35)

A common method of determining ICorr involves performing potentiodynamic scans with large
overpotentials extending into the anodic and cathodic Tafel regions. Once the Tafel relationships are determined, they can be extrapolated with the intersection of the two linear Tafel
lines yielding a value for both ECorr and ICorr . This method can introduce uncertainties in the
measurement of ICorr caused by the occurrence of solution and electrode reactions that would
not be possible without the large overpotentials. In addition, the measured Tafel slope could
be inaccurate due to the changes in the electrode surface and solution chemistry induced by
large overpotentials. The Tafel slope can also be difficult to determine as both concentration
polarization and IR drop can cause deviations of the measured current from the values based
on the Tafel slope [19]. To avoid these inaccuracies, linear polarization resistance (LPR) measurements were preferentially used in this study to determine the polarization resistance (Rp )
which is inversely related to the corrosion rate.

1.2.2.1

Linear Polarization Resistance

LPR, or the Stern-Geary method of determining corrosion rate, is a method in which the Rp
of a system is determined by applying small overpotentials in both the positive and negative directions from ECorr . These small potential perturbations allow the exponential current-potential
relationship in the Wagner-Traud equation to be linearized yielding a linear slope for ∆E/∆I,
giving an Rp value that has an inverse relationship with corrosion rate, Equation 1.36,
∆E
Rp =
∆I

!
(1.36)
∆E→0
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The Wagner-Traud relationship, can be modified in this manner, as reported by Stern et al. [22]
to yield Equation 1.37,
#
βA βC
1
Rp = 2.303
βA + βC ICorr
"

(1.37)

If Tafel slopes can be determined, a value for ICorr can be calculated using this method. However, in many cases Tafel slopes are not known and the proportionality specified in Equation
1.38 can be used to determine changes in corrosion behaviour over time [19, 22, 23].

Rp ∝

1
ICorr

(1.38)

Rp values were extensively used in the studies in this thesis since Tafel slopes were immeasurable in the studied environments.

1.3
1.3.1

Review of Copper Corrosion
Basics of Copper Corrosion

Cu is used in many applications due to its high conductivity, high ductility, and relatively
low cost. It is most commonly used as a component in alloys such as bronzes and brasses, but
not in applications that require significant strength. Such components usually have long lifetimes thanks to the thermodynamic stability of Cu. This is illustrated in the Pourbaix diagram,
Figure 1.8, where soluble species are only the most stable under very acidic or basic conditions
and at higher potentials. This can be attributed to the relatively high E◦ values associated with
the conversion of Cu ions to solid Cu, Equations 1.39 to 1.41.
Cu2+ + 2e−

Cu

Cu+ + e−

Cu

Cu2+ + e−

Cu+

E◦eq = 0.342V
E◦eq = 0.521V
E◦eq = 0.153V

(1.39)

(1.40)
(1.41)

Chapter 1. Introduction and Literature Review

22

These values are more positive than the stability line for H2 O (a) in Figure 1.8 over the whole
accessible pH range indicating that Cu will remain stable in H2 O in the absence of oxidants,
in particular in the absence of dissolved O2 . In addition, if such an oxidant is present, any Cu
species converted to Cu+ will have sufficient energy to further oxidize to Cu2+ [20, 21, 24].
In the presence of oxidants, Cu can oxidize to various Cu+ and Cu2+ compounds and soluble
complexes. The exact compositions of these species are dependent on the anions present in the
aqueous system. The majority of these compounds are fairly stable and form films and deposits
on the Cu surface, depending on the solubility of the Cu ions. Both ions (Cu+ , Cu2+ ) are
reasonably soluble, with Cu2+ having the higher solubility. Figure 1.11 shows their solubility as
a function of pH and temperature. The reported pH values are based on measurements taken at
the specific temperatures and are not corrected for pH changes induced by temperature [25–27].

(a)

(b)

Figure 1.11: Solubility diagrams for (a) Cu2+ and (b) Cu+ in pure water at various temperatures.
The plotted pH was not corrected for temperature [27].
Cu2+ further dominates aqueous solutions when aerated because of the ready conversion of
Cu+ to Cu2+ by O2 . This reaction, Equation 1.42, is rapid and only requires small amounts of
O2 to proceed. [28, 29].
4Cu+ + O2 + 4H+ → 4Cu2+ + 2H2 O

(1.42)
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Cu+ is never completely removed from solution, however, because of the potential
disproportionation-comproportionation equilibrium established when metallic Cu is present.
The equilibrium constant for this process, Kdisp , is heavily dependent on the nature of complexing agents present in the solution. This reaction will therefore contribute to the conversion of
Cu+ to Cu2+ but it will also ensure that Cu+ will always remain present to some extent [30–33].
2Cu+

Kdisp

Cu2+ + Cu

(1.43)

One anion that will affect Reactions 1.42 and 1.43 is Cl− . Cl− is well known to complex with
Cu, forming a variety of species, with the most abundant being CuCl−2 based on ∆G values [34].
Thus, in the presence of Cl− , the ratio of Cu+ to Cu2+ will favour Cu+ . Additional discussion
on the effects of this complexation is included in Section 1.3.6.

1.3.2

Anticipated Corrosion Mechanisms in a Deep Geologic
Repository

Extensive research has been conducted to investigate the range of possible corrosion processes that could occur following the emplacement of the UFC in a DGR. The corrosion
damage associated with each process, outlined in Figure 1.12, can result in a finite amount of
material loss depending on the DGR conditions. A comprehensive review by King et al. [35]
addresses the current knowledge of each process. The review covers the wide range of potential corrosion conditions that could apply to the Cu container over its lifetime, including the
potential geochemical and microbial effects in a DGR; the thermodynamic data relevant for Cu
corrosion under DGR conditions; the corrosion of the container prior to emplacement in the
DGR and the subsequent corrosion in dry bentonite immediately after emplacement; the general and localized corrosion after saturation of the compacted bentonite by groundwater; the
potential for stress corrosion cracking (SCC); and the influence of radiation. Previous reviews
by King et al. have summarized similar aspects of the corrosion process for different nuclear
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Figure 1.12: Schematic outlining the possible corrosion and degradation processes associated
with the disposal of a Cu coated high level nuclear waste container in a DGR.

waste management agencies [36, 37].
The importance of each corrosion process is expected to change with time and will be
dictated by the evolution of exposure conditions within the DGR. An adaptation of Figure 1.5
can be used to illustrate the duration of the major corrosion processes, Figure 1.13. This figure
focuses attention on the humid air period, indicated by the red area with the uncertain duration
of this time period emphasized by the gradual fading in and out of the region. The humid
region is important since HNO3 will be generated radiolytically during this time period [35].
Following its production, HNO3 can deliquesce or condense onto the surface of the container,
forming a wetted layer of acidic solution. This process is illustrated in Figure 1.14.
Corrosion resulting from radiolytically produced oxidants has been extensively researched
under fully saturated conditions [38–41] and, to a lesser degree, in humid air [42, 43] with
a number of reviews summarizing the findings [35, 44, 45]. In fully saturated environments,
a low radiation dose (≤ 100 Gy/h) was shown to improve the corrosion resistance of Cu in
simulated ground water containing ∼ 1 M Cl− by supporting the formation of a cohesive Cu2 O
layer and preventing the formation of the less protective CuCl2 · 3Cu(OH)2 . The presence of
O2 did not affect the corrosion process under saturated conditions. Under humid conditions,
damage is extensive regardless of dose rate or [O2 ]. At very high dose rates of 700 Gy/h, much
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Figure 1.13: The expected evolution of exposure conditions in a Canadian DGR. Based on
these conditions, the estimated times associated with each possible corrosion process is shown,
with the length and position of the arrows relating to the time axis [10, 35].

higher than the maximum 2.3 Gy/h expected on the exterior of a UFC [17], Cu2 NO3 (OH)3
was formed on the Cu surface suggesting that HNO3 was present and involved in the corrosion
process [45]. At lower dose rates, 100 Gy/h, only Cu2 O was formed. However, the overall
corrosion rate was comparable to that observed in the higher radiation field, indicating that
radiation dose did not have a measurable effect on the overall corrosion rate of Cu [45].
Further investigations into the effects of [O2 ] on corrosion under irradiated, humid conditions were conducted by Björkbacka et al. [42] at 65% relative humidity in either aerated or Ar
atmospheres with constant dose rates between 0.1 and 0.3 Gy/s. It was demonstrated that the
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Figure 1.14: γ-radiolysis of humid air on the outside of a UFC to generate HNO3 and the
subsequent water radiolysis of the generated wetted layer.

extent of corrosion in both humid air and humid Ar was extensive with a negligible increase in
corrosion rate under aerated conditions suggesting that the formation of HNO3 was irrelevant
with the corrosion rate being primarily dictated by the production of hydroxyl radicals [42].
Experiments were conducted by Ibrahim et al. [43] in humid air under unirradiated and irradiated conditions at low dose rates of 0.35 Gy/h. Only a very minor influence of γ-radiation
was observed on the corrosion process at 75% and 85% relative humidity. No NO−3 was incorporated into the corrosion product film [43], in agreement with the conclusions presented by
Landolt et al. [45]. Despite these extensive studies, almost no details on the reaction of Cu in
HNO3 is included. The research presented in this thesis attempts to fill this knowledge gap.

1.3.3

Copper Corrosion in Nitric Acid

1.3.3.1

Electrochemical Reduction of Nitrate

As discussed previously, one oxidant potentially capable of inducing corrosion damage
to Cu is HNO3 , in a process which would involve the reduction of NO−3 . The reduction of
NO−3 can proceed through a sequence of multi-step e− transfer processes, although the extent
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to which the reaction proceeds and which reactions occur under specific conditions has not
been clearly elucidated. This is due to the high chemical stability of both NO−3 itself and
a number of the reaction intermediates [46]. Due to this complexity, multiple NO−3 reduction
pathways have been suggested throughout the literature with the most controversial point being
the final product. Most researchers report the overall reaction as the complete NO−3 reduction
process, Reaction 1.44, while acknowledging that the reaction may stop before it is completed
[33, 47–51].
NO−3 + 8e− + 9H+ → 3H2 O + NH3

(1.44)

Despite this, most sources recognize NO as the first stable intermediate under acidic conditions
[33, 47, 48].
An early attempt to elucidate a detailed reduction mechanism was published by da Cunha
et al. [52]. They investigated the NO−3 reduction pathway on platinum and/or rhodium electrodes using differential electrochemical mass spectrometry and in situ Fourier-transform infrared spectroscopy. It was determined that a variety of nitrogen containing compounds were
produced depending on the electrode material used and the potential applied. Under many conditions, multiple products were observed, indicating that the reduction pathway was non-linear
and that each individual pathway involved its own unique intermediates and final products [52].
Recent research by Pérez-Gallent et al. [53] studied NO−3 reduction on Cu single crystal rotating
disc electrodes coupled with online electrochemical mass spectrometry, ion chromatography,
and Fourier-transform infrared spectroscopy to detect the reduction intermediates. Their approach allowed the determination of two distinct reaction pathways to describe the reduction
steps in both acidic (pH = 1) and alkaline conditions (pH = 13).
Under acidic conditions, significant NO was detected at the electrode surface following
polarization to 0.15 V vs. the reversible hydrogen electrode (RHE) for Cu(100) and 0.10 V
vs. RHE for Cu(111), confirming previous claims that NO is the primary stable intermediate
formed during NO−3 reduction under acidic conditions. To generate NO, they proposed a slow
2 e− reduction to HNO2 followed by a fast 1 e− reduction to NO, subsequently evolved as a
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gas. They attribute this fast conversion to the instability of HNO2 in acidic conditions. At
more negative potentials they report a further reduction of NO to NH+4 , providing NO remains
adsorbed on the Cu surface.
Under alkaline conditions, the first step of the reduction process remains the same, generating NO−2 following polarization to 0.10 V vs. RHE for Cu(100) and 0.15 V vs. RHE for
Cu(111). However, under alkaline conditions, NO−2 remains stable and is recognized as the
primary stable intermediate. At more negative potentials, NO−2 undergoes a 4 e− reduction,
generating NH2 OH(aq) as the final product [53]. The stability of NO−2 will be discussed further
in Section 1.3.4. These mechanisms are in general agreement with those previously postulated
for NO−3 reduction.
Davis et al. [54] propose that the reduction of NO−3 occurs by a catalytic reduction process
involving Cu+ . Their claim was based on a substantial suppression of the detected NO−3 reduction current when citric acid, a known Cu+ complexant, was added to their system. This
process was not investigated in depth since their main focus was on detecting NO−3 and NO−2 at a
modified Cu electrode [54]. Filimonov et al. [33] later proposed a mechanism for the catalytic
reduction of NO−3 by Cu+ . They focused specifically on this catalytic effect using polarization experiments on both platinum and Cu electrodes in an acidic medium with various Cu2+
additions. Cu+ was found to be the catalytic species following a series of experiments demonstrating that an increase in Cu ion concentration subsequently increased the NO−3 reduction
current, but only in the potential region where Cu2+ would also be reduced to Cu+ . Reactions
1.45 and 1.46 show the proposed catalytic cycle. They also claimed that the cycle could be
maintained by disproportionation, Equation 1.43, in the absence of an applied potential [33].
Cu2+ + e−
3Cu+ + 4H+ + NO−3

Cu+
3Cu2+ + NO + 2H2 O

(1.45)

(1.46)

As discussed above, this process would result in the formation of NO as the major product,
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however, NO−2 is no longer considered as an intermediate. Neither study included gas phase
analyses to confirm the generation of NO [33, 54].

1.3.3.2

Corrosion Product Formation

Due to the rapid dissolution kinetics of Cu and its oxides under acidic conditions, little literature exists investigating the effects of HNO3 on corrosion product formation. As previously
discussed, HNO3 is reported as a common Cu etchant capable of inducing significant dissolution even in the presence of an inhibitor [55, 56]. Consequently, most surface analytical studies
of Cu in HNO3 report results on dissolution and preferential etching [57, 58]. HNO3 is also
capable of dissolving a preexisting oxide on Cu. This dissolution can be either electrochemical dissolution of Cu2 O (as Cu2+ ) or the chemical dissolution of CuO as illustrated in the Cu
Pourbaix diagram, Figure 1.8 [20].
Cu oxides can form in HNO3 in a small solution volume when the dissolved Cu can achieve
saturation. Under such conditions, various Cu2 O crystals can be produced. This process has
been studied in this thesis and will be discussed in Chapter 3 [59]. Studies investigating the
different Cu2 O crystal formations and their associated stability in acidic conditions have been
published. When grown from a saturated solution, Cu2 O forms via a nucleation and growth
process leading to nano-crystals in the solution. Therefore, the initial shape of the growing
crystals will be dependent on the stability of each crystal plane under the specific solution
conditions. Various researchers report different conditions to synthesize Cu2 O crystals with
ranging morphologies. The most commonly reported structures include cubic, octahedral, dodecahedral, polyhedral, and truncated cubic crystals [60–67].
In the presence of NO−3 , the Cu2 O {100} crystal plane is effectively stabilized by adsorbed
NO−3 resulting in its growth, and resulting exclusively in cubic Cu2 O crystals with {100} faces
[61, 63, 65]. In the case of HNO3 , however, the high proton concentration allows subsequent
oxidative ethching of the Cu2 O crystals. Hua et al. investigated the crystal structure evolution
caused by acetic acid etching. It was concluded that the stability of the crystal planes followed
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the hierarchy {100} >> {111} > {110}. Depending on the exposed planes of the crystal morphologies, various damage profiles were observed. Cubic Cu2 O only had {100} planes exposed
and the etching process resulted in localized damage to the cube faces while the cubic structure
remained intact. The octahedral nanocrystals exhibited {111} planes. These planes became
jagged following exposure to the acid solution, forming a step-like geometry with the newly
exposed faces having {100} orientation. The rhombic dodecahedral geometry of Cu2 O was
also investigated. While initially exhibiting a crystal face corresponding to a {110} orientation,
similar to the octahedral crystals, oxidative dissolution led to a step-like pattern with the {100}
planes exposed [67]. Although this last study did not use HNO3 , these orientation dependent
stabilities provide insight into the formation and dissolution of Cu2 O.
Despite Cu oxides being the dominant corrosion products, Cu hydroxy nitrates can also
form. Such corrosion products are normally observed on Cu surfaces following atmospheric
corrosion when NO2 can be dissolved in a surface wetted area. Three Cu hydroxy nitrates exist,
orthorhombic Cu2 NO3 (OH)3 , monoclinic Cu2 NO3 (OH)3 , and orthorhombic Cu3 NO3 (OH)5 ·
2H2 O with mineral names gerhardite, rouaite, and likasite, respectively. Gerhardite appears to
be the most commonly formed Cu hydroxy NO−3 , but these formations do not appear to have
any notable effect on further corrosion of the Cu surface [68, 69].

1.3.4

Effect of Nitrite on Copper Corrosion

As mentioned in Section 1.3.3.1, NO−2 is an intermediate in the NO−3 reduction pathway
capable of inducing corrosion on Cu via its subsequent reduction to NO [53]. This makes it a
key possible oxidant when considering Cu corrosion in HNO3 . The effect of NO−2 , however, is
complicated due to the influence of pH on the NO−2 ion stability. When in acidic solution the
NO−2 ion will form nitrous acid, HNO2 , a species prone to decomposition by Reaction 1.47.
2HNO2 → NO + NO2 + H2 O

(1.47)
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This reaction effectively decreases the amount of NO−2 by a half if the NO2 produced is reduced
back to NO−2 again, or continuously if NO2 is evolved as a gas [70]. A secondary decomposition
process also exists involving disproportionation to regenerate NO−3 and NO, Reaction 1.48
[71, 72].
3HNO2 → H+ + 2NO + NO−3 + H2 O

(1.48)

Since neither of these processes are electrochemical they do not directly effect the corrosion
rate of Cu. However, since NO−2 can also cause Cu corrosion through Reaction 1.49, the concentration of NO−2 in the vicinity of Cu is relevant [70, 73, 74].
NO−2(ads) + 2H+ + 2e− −→ NO(ads) + H2 O

(1.49)

Electrochemical studies by Duca et al. [73] generated evidence to show that NO−2 , produced as
an absorbed species by NO−3 reduction, can be reduced to form chemisorbed NO by reaction
with H• produced by H+ reduction as previously claimed by Evans et al. [70]. Thus, at open
circuit when H+ reduction will not occur, NO−2 reduction should also not occur [73].
The balance between these processes remains to be elucidated but the rate of NO−2 reduction
appears to be influenced by the surface topography of the Cu electrode [71, 72]. Based on
current studies, the function of NO−2 under corrosion conditions remains undetermined.
Under neutral or alkaline conditions NO−2 no longer freely decomposes in solution and
primarily induces SCC on Cu. SCC induced by NO−2 is aggressive, capable of causing both
intragranular and intergranular crack propagation [75, 76]. The influence of NO−2 on the SCC
of Cu has been extensively studied and reviewed by King et al. [35]. These studies were
generally conducted in aerated solutions at high [NaNO3 ] (≥ 0.1 M) or with an applied potential
[35]. Sieradzki et al. investigated the mechanism of intragranular SCC using single crystal Cu
electrodes. The microscopy of the cracks showed a regular fracture pattern with many step like
features along parallel crystallographic planes, however, little to no corrosion was observed on
the electrode surface. They concluded that cracking was most likely caused by the formation
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of a thin layer of Cu2 O on the electrode surface and crack propagation followed an intermittent
cleavage process [75]. Intergranular SCC is the more common mode of crack propagation
due to increased reactivity at grain boundaries. Mori et al. investigated intergranular SCC of
de-oxygenated high phosphorus Cu in NO−2 containing solutions at various potentials. It was
determined that SCC of Cu by NO−2 was dependent on the ability of NO−2 to form ammonia. As
a result, SCC was only observed at temperatures above 45◦ C in 1 M NO−2 solutions and 65◦ C
in 0.1 M NO−2 solutions. This suggests that an appreciable NO−2 concentration is required to
initiate SCC. Their work also investigated the possibility of uniform corrosion caused by NO−2
reduction; however, it was concluded that NO−2 required appreciable overpotentials, ∼ 200 mV,
to readily reduce and cause uniform corrosion [76].

1.3.5

Effect of Oxygen

Although O2 is not part of the NO−3 reduction process it could be present under the humid
conditions prevailing when radiolytic production of HNO3 is possible, Figure 1.13, and would
influence the overall corrosion process. Thermodynamically, O2 reduction is capable of oxidizing Cu at all pH values as illustrated by the Cu Pourbaix diagram, Figure 1.8 [20]. The
mechanism and kinetics of this reaction have been extensively investigated for nuclear waste
disposal purposes [77–82], and reviewed in detail by King et al. [35]. Huttunen-Saarivirta et
al. discuss the importance of even small O2 concentrations on the corrosion rate of Cu in the
absence of other oxidants. Their experiments were performed in simulated ground water solutions and sparged with N2 . However, corrosion damage was still induced by the presence of
traces of O2 . It was concluded that O2 reduction by Reactions 1.50 and 1.51 would induce the
oxidation of Cu to Cu+ , which subsequently formed Cu2 O [77].
O2 + 4H+ + 4e− → 2H2 O

(1.50)

O2 + H2 O + 4e− → 4OH−

(1.51)
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Additional studies discussed in the review by King et al. [35] investigated the reduction of O2 on Cu under well defined mass transport conditions, and concluded that the reaction is highly irreversible and proceeds by Reaction 1.51. The reaction involves four sequential e− transfer steps with the first electron transfer generally the slow rate determining
step (RDS). Under electrochemical conditions the reaction can be catalyzed by surface states
such as Cu(I)(ads) . Depending on the [O2 ], the nature and concentration of anions, and the
pH, Cu corrosion can proceed under active conditions with dissolution occurring as both Cu+
and Cu2+ . When dissolved as Cu+ , Cu2+ species can be rapidly formed by the irreversible
homogeneous oxidation of Cu+ by O2 , Reaction 1.52 [35, 83].
4Cu+ + O2 + 2H2 O → 4Cu2+ + 4OH−

(1.52)

Depending on the availability of anions and dissolved Cu concentrations this can lead to the
deposition of oxides and oxyhydroxides which incorporate anions (e.g. CuCO3 · Cu(OH)2 ;
CuCl2 · 3Cu(OH)2 ) [35].

1.3.6

Effect of Chloride

Despite its redox inactivity, Cl− has very pronounced effects on Cu corrosion. As discussed
in Section 1.3.1, the vast majority of aqueous Cu species will commonly be in the Cu2+ form.
However, Cl− can alter this as a result of its ability to complex and stabilize aqueous Cu+
species. The relative abundance of individual Cu-Cl species is dependent on the [Cl− ]. Cu+ and
CuCl are more abundant at very low [Cl− ], with CuCl−2 and CuCl2−
3 becoming more abundant at
higher [Cl− ] [84]. In groundwater, the [Cl− ] is commonly greater than 1 × 10−2 M, establishing
CuCl−2 as the most abundant species [85, 86].
The effects of Cl− on the overall corrosion of Cu have been extensively studied and subsequently reviewed by Kear et al. in 2004 [87] and again by King et al. in 2010 [35]. The
thermodynamic effects of Cl− are summarized in the Pourbaix diagrams for Cu in various
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NaCl solutions in Figure 1.15. In the absence of Cl− , Figure 1.15(a), clear regions of stability

(a)

(b)

(c)

(d)

Figure 1.15: Pourbaix diagrams for aqueous Cu solutions containing various [Cl− ]: (a) 10−3
M, (b) 10−2 M, (c) 10−1 M, and (d) 1.0 M [35].
for Cu2 O and CuO are evident and Cu is stable in anoxic H2 O over the full pH range. As the
[Cl− ] is increased, Figures 1.15(b) and 1.15(c), zones of stability for Cu-Cl complexes become
clear with a stability zone for paratacamite (CuCl2 · 3Cu(OH)2 ) present in the neutral pH range.
At high [Cl− ], Figure 1.15(d), Cu approaches instability in H2 O at low pH, indicating that H2 O
reduction is capable of inducing Cu oxidation. If the conditions lie within this region, CuCl−2
could be continuously generated. Maintaining such conditions would be difficult because Cu+
does not readily hydrolyze, therefore H+ will be continuously consumed by water reduction
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with no prospect for regeneration [35, 88]. Although not shown, this instability is enhanced at
higher temperatures [35].
Following the formation of CuCl−2 , Cl− containing corrosion products can result. Cl− containing corrosion products are most commonly reported under atmospheric corrosion conditions when the availability of H2 O is limited and saturation rapidly achieved. A common
route for corrosion product formation involves the precipitation of aqueous CuCl to form a
solid CuCl, commonly referred to as nantokite. Further reactions of nantokite can lead to the
formation of various Cu hydroxychloride species, each a different polymorph of Cu2 Cl(OH)3
[89–91]. Strandberg et al. note that none of the aforementioned Cl− containing species can be
produced in the absence of O2 due to its involvement in Equations 1.53 to 1.55 [90].
2Cu + 0.5O2 + H2 O + 2Cl− → 2CuCl + 2OH−

(1.53)

2Cu + O2 + 2H2 O + Cl− → Cu2 Cl(OH)3 + OH−

(1.54)

3CuCl + 0.75O2 + 1.5H2 O → Cu2 Cl(OH)3 + Cu2+ + 2Cl−

(1.55)

Cu hydroxychlorides can also form from soluble Cu-Cl complexes including CuCl−2 . Pollard et al. report conditions for synthesizing atacamite and paratacamite, both polymorphs of
Cu2 Cl(OH)3 from solution or on corroding Cu. They concluded that paratacamite was exclusively present at low [Cl− ] and atacamite became increasingly present at [Cl− ] greater than
0.1 M on a corroding Cu electrode. Mechanistically, Pollard indicates that the produced Cu
hydroxychlorides resulted from cupric ion solutions [92], however, other researchers have proposed the generation of Cu hydroxychlorides from cuprous ions, Equation 1.56 [90, 91].

4CuCl−2 + O2 + 4H2 O → 2Cu2 Cl(OH)3 + 6Cl− + 2H+

(1.56)
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Scope of the Thesis

The goals of this thesis are to develop a more comprehensive mechanistic and kinetic understanding of the corrosion of Cu due to radiolysis in humid air, leading to the formation of
HNO3 on the surfaces of Cu containers emplaced in a DGR. A range of features likely to be
involved in the corrosion process were studied.
Chapter 1 introduces the motivation and past knowledge pertaining to the research presented in this thesis. A comprehensive discussion of nuclear waste disposal with a focus on
humid air radiolysis is included. A discussion on the thermodynamics and kinetics of corrosion
processes is also included as part of the introduction. Past research pertaining to the various
corrosion processes studied in this thesis are summarized including summaries of Cu corrosion
under DGR conditions; as well as the effects of NO−3 , O2 , NO−2 , and Cl− on Cu corrosion and
how these species could affect corrosion in HNO3 solutions.
Chapter 2 describes the experimental procedures employed to collect the data included in
this thesis. A brief discussion of the theory and application of each technique is included.
The focus of Chapter 3 is to investigate the effect of solution volumes on the corrosion
kinetics. These effects are crucial when considering the potential of HNO3 droplets under
DGR conditions. The evolution of solution pH was used as a means of tracking the corrosion
rate. Optical microscopy, scanning electron microscope (SEM), energy dispersive X-ray spectroscopy (EDX), focussed ion beam (FIB) cross sectioning, atomic force microscopy (AFM),
and Raman spectroscopy were used to examine the resulting damage and identify the corrosion products. Experiments were performed under atmospheric O2 conditions as well as in the
absence of O2 using an Ar atmosphere anearobic chamber. Inductively coupled plasma-mass
spectrometry (ICP-MS) was also used to determine the amount of dissolved Cu in solution.
Chapter 4 establishes the effect of NO−3 and O2 concentrations on the corrosion rate of Cu in
HNO3 solutions. The basic electrochemical behaviour of Cu in HNO3 , as well as the morphology of corrosion deposits and topography of the corroded surface, were studied. Electrochemical experiments, including ECorr and Rp measurements, were used to investigate the effects
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of [NO−3 ] and pH on ECorr and the corrosion rate of Cu in aerated HNO3 . The morphology
and composition of corrosion products were investigated using SEM and X-ray photoelectron
spectroscopy (XPS). The damage and corrosion rate associated with various [O2 ], including
the absence of O2 , were tracked using ECorr and Rp measurements followed by surface analysis
using SEM.
Chapter 5 describes the interactions of NO−2 during Cu corrosion in HNO3 . Cyclic voltammetry (CV) was employed to investigate the kinetics of reduction of each oxidant (NO−3 , NO−2 ,
and O2 ) on a Cu electrode. The electrochemical response of NO−2 additions at the beginning and
throughout corrosion experiments in HNO3 were recorded using ECorr and Rp measurements.
The interactions between NO−3 and NO−2 were investigated by adding NO−2 to acidic Cl− solutions during similar electrochemical measurements. NO−2 effects were also monitored in small
solution volumes using pH measurements. Surface analysis of the corroded electrodes were
performed using optical microscopy, SEM, EDX, confocal laser scanning microscopy (CLSM),
and Raman spectroscopy.
Chapter 6 studies the effect of Cl− on the corrosion mechanism. Electrochemical monitoring of ECorr and Rp are presented for both large solution and small solution cases. Surface
analysis was performed using optical microscopy, SEM, EDX, and Raman spectroscopy. Solution analyses were performed using ICP-MS and pH measurements.
Chapter 7 summarizes the findings presented in this thesis and relates the findings to their
anticipated effects on the corrosion of the proposed copper coated container. Future directives are also included to demonstrate how these findings can be built upon to establish better
understanding of the corrosion process.
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Chapter 2
Methodologies
This chapter outlines the experimental procedures undertaken to collect the data presented
in this thesis. The theoretical bases of each technique will be briefly discussed with a focus on
their usage in the research presented. In depth descriptions of each experimental or instrumental technique can be found in the referenced literature.

2.1

Materials and the Preparation of Experimental
Specimens

2.1.1

Copper Coupons

All experiments were conducted using coupons machined from a wrought Cu block provided by Svensk Kärnbränslehantering AB (SKB), Solny, Sweden. This Cu is O free as a result
of P-doping (40-60 ppm). P-doping also ensures that any additional impurities including S, Bi,
Pb, etc., will not affect the mechanical or chemical properties of the Cu [1].
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Electrochemistry Coupons

For electrochemical experiments, 1 cm × 1 cm × 1 cm cubes were used. A threaded hole
was drilled into a single face of the coupon to allow for attachment to a steel dowel. The steel
dowel was then sheathed using polytetrafluoroethylene (PTFE) shrink tubing. Epofix resin
was used to mount the electrode, covering all but one face of the cube and fully isolating the
coupon-dowel connection from contact with exposure environments. The exposed surface was
subsequently ground using a series of SiC papers ranging from P120 to P2400 grit. Once the
final finish was achieved, the electrode was ultrasonicated in methanol for one minute, then
briefly in Type-1 water to remove any polishing residues. Following an experiment, coupons to
be surface analyzed were rinsed with Type-1 water, dried in an Ar stream, and removed from
the resin using a benchtop vice.
For rotating disc electrode experiments, 1 cm diameter cylindrical Cu coupons were machined. A threaded hole was drilled into the back side of the cylinder to allow attachment to a
threaded dowel. The electrode-dowel combination was then mounted in a PTFE holder using
Epofix resin so that only a single flat surface was exposed. The electrode surface was subsequently ground and cleaned using the same procedure described above. The holder was then
attached to a Pine Instrument Company Analytical Rotator Model AFA86 Serial 882 along
with a speed control to rotate the electrode. Electrodes for these experiments were reused since
no surface analyses were performed.
Following surface preparation, all electrodes exhibited a clean, uniform surface but retained
evidence of the grinding process, Figure 2.1. Each coupon was cathodically cleaned to remove
any air formed oxide prior to each experiment. This cleaning involved a two step potentiostatic
treatment, each lasting one minute, with the first potential at -1.5 V vs. saturated calomel
reference electrode (SCE) and the second at -1.15 V vs. SCE
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Figure 2.1: Representative surface of a prepared Cu electrode.

2.1.3

Microcell Coupons

Coupons used in microcell experiments were fabricated from 1 cm diameter × 10 cm long
Cu cylinders. Each cylinder had a small 0.5 cm diameter × 0.5 cm high cylindrical extension
to allow connection to electrochemical equipment. The large circular face to be exposed in
experiments was prepared using the same grinding and cleaning procedure outlined above.
Subsequently, the thick part of the cylinder was wrapped with PTFE tape then a PTFE shrink
tubing extension was attached, forming a small cell with the prepared Cu surface exposed at
the bottom of the cell.

2.1.4

Electron Backscatter Diffraction Coupons

Coupons prepared for electron backscatter diffraction (EBSD) were first mounted in Epofix
resin and then the back of the sample tapped to allow attachment to the sample holder. The
coupon face was then ground using a series of SiC papers ranging from P120 to P2400 grit.
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Subsequently, the coupon was polished on a polishing pad using a 50 : 50 mixture of ethanol :
propanol and a 3 µm diamond suspension. Once a uniform polish was achieved, the sample was
lightly etched using 1 : 1 : 1 water : NH4 OH : H2 O2 [2] with a cotton swab. This was followed
by a polishing step using a 1 µm diamond suspension. The final finish was achieved through
vibratory polishing using a 5 : 5 : 2 mixture of water : ethanol : colloidal silica suspension
for 20 minutes. To prevent contamination, the sample was ultrasonicated in methanol for one
minute, then briefly in Type-1 water between each polishing step.
EBSD maps were collected in order to determine grain sizes and orientations for SKB Cu.
An example of an inverse pole figure (IPF) map illustrating the grain orientation distribution
across a polished SKB Cu surface is shown in Figure 2.2.

Figure 2.2: EBSD IPF map illustrating the distribution of the different crystal orientations on
polished SKB Cu.

2.2
2.2.1

Microscopic and Spectroscopic Techniques
Optical Microscopy

Optical microscopy, or light microscopy, is a commonly used imaging technique due to its
relative simplicity and capability to produce colour images. This technique is based on lens
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magnification physics as shown in Figure 2.3 [3].

Figure 2.3: Simplified schematic of object magnification by optical microscopy. S denotes
the original object; t, the real, inverted image; u, divergent rays; ν, the real image projected
on a retina; and w, a magnified virtual image. F denotes the focal lengths of the respective
lenses [3].

Light from the object of interest will pass through two convex lenses, the objective and the
ocular lens. Light passing through the objective lens results in an intermediate, inverted image
of the object. Upon observing this intermediate image through the ocular lens, or eyepiece, a
significantly larger virtual image can be observed or photographed. The magnification factor,
M f inal , of the virtual image is dictated by the product of the two individual magnification factors
of the lenses, Equation 2.1
M f inal = Mob jective × Mocular

(2.1)

where Mob jective and Mocular refer to the magnification factors of their respective lens. This
magnification factor is also given by Equation 2.2
M f inal =

f
a− f

(2.2)

where f is the focal length and a is the object-lens distance. A positive value of M f inal denotes
a real image and a negative value a virtual image.
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Additional magnification can be achieved through the use of more lenses. This is commonly done by using a lens in the eyepiece, which adds an additional magnification value to
Equation 2.1. However, the maximum magnification is limited by the wavelength of the light
used. Equations 2.3a and 2.3b define the spatial resolution (d) and numerical aperture (NA),
respectively.
d=

0.61λ
n sin θ

NA = n sin θ

(2.3a)
(2.3b)

Based on these relationships, d is proportional to the wavelength of light being used (λ) and
inversely proportional to NA, which is related to the refractive index of the light transmitting
medium (n) and the half angle of the cone of light permitted by the objective lens (θ) [3].
Optical microscopy was utilized in this research primarily to provide real colour images of
corroded surfaces, but no in-depth analysis was performed using such images.

2.2.2

Confocal Laser Scanning Microscopy

Confocal laser scanning microscopy (CLSM) utilizes similar principals as optical microscopy and is commonly used in conjunction with optical images. Figure 2.4 illustrates
the light path within a confocal microscope.
The light source, generally a laser, projects light through a pinhole which is then projected
onto the specimen surface. Upon reflection, the light passes through an additional pinhole
before reaching the photodetector. Pinhole focusing allows the detection of only in-focus rays.
A stepper motor can be used to raster the stage in the x,y, and z-planes to focus the laser
on each analyzed location. These measurements are subsequently reconstructed and a three
dimensional, surface profile generated. This profile can be used individually to display surface
topography, or combined with an optical image of the same surface to construct a true colour,
three dimensional surface image [4]. CLSM was utilized in this work to establish a general,
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Figure 2.4: Light path within a typical confocal microscope [4].

topographical image of corroded surfaces.

2.2.3

Scanning Electron Microscopy

Scanning electron microscope (SEM) imaging is a versatile technique that can be used
in conjunction with various detectors or other procedures to analyze a sample. The general
configuration of an SEM is illustrated in Figure 2.5.
As suggested by its name, the beam used for imaging by SEM is an electron beam. This
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Figure 2.5: General arrangement of an SEM [5].

beam is generally produced by passing a high current through a W filament, or by using a
field emission source. In the case of a tungsten filament source, Figure 2.6(a), a high current
is passed through a V-shaped filament to heat it above 2800 K. Subsequently, a high potential
between 0.1-30 kV is applied to the filament and a Wehnelt cylinder to accelerate the electrons.
The anode plate is oppositely biased, resulting in the emission of electrons from the tungsten
filament and their acceleration towards the anode. Since the energy of the electrons govern the
wavelength of the beam and the wavelength of the beam is a significant factor in determining the resolution of the microscope, the accelerating voltage is a key factor in determining
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resolution.
Field emission guns are used to extend the electron source life. This is achieved by tuning
the geometry of a tungsten wire to produce a very sharp tip from which the electrons can be
emitted. This geometry allows for electron emission through the application of a magnetic field
in contrast to the high temperatures required with the tungsten filament method. Figure 2.6(b)
depicts electron emission using a field emission gun where V0 is the accelerating voltage and
V1 extracts the electrons from the sharpened tip.

(a)
(b)

Figure 2.6: Schematics of the two most common electron sources for SEM operation: (a) a
tungsten filament, and (b) a field emission gun [5].
Following beam generation, multiple lenses are used to focus the beam, with magnetic
field lenses used rather than optical lenses. The magnetic fields are generated using coiled
wires. The condenser lenses primarily focus the electron beam and the objective lens is used
in conjunction with scanning coils and apertures to maintain beam focus and to control the
rastering of the beam across the sample surface in the x,y-plane. When the highly focussed
beam interacts with the sample surface it provides high resolution detail of the sample surface
that can be analyzed using a variety of different detectors. The sample is analyzed while under
vacuum to ensure that only beam-sample interactions occur within the sample chamber [5].
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Figure 2.7 illustrates the range of phenomena that result from the interaction of the electron
beam with the sample [6].

Figure 2.7: The various phenomena which arise from the interaction of an electron beam and
a solid [6].

2.2.3.1

Secondary Electron Imaging

Secondary electron imaging is the most common SEM imaging technique. Secondary electrons are generated through inelastic scattering events between primary electrons in the electron
beam and weakly bound electrons in either valence orbitals or the conduction band of the sample. These secondary electrons are emitted with low kinetic energies of the order of only a few
electron volts (eV). Owing to this low energy, secondary electrons can only be emitted from the
top few nanometers of the surface of the material. Any secondary electrons produced at greater
depths undergo additional collisions and will not make it to the sample surface. This surface
sensitivity makes it possible to determine topographical information as these electrons can also
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be blocked by elevated regions on the sample surface, resulting in areas from which emitted
electrons are less likely to reach the detector. Such areas will appear dark or as shadowed
areas in the resulting image, Figure 2.8. The possible escape depth of secondary electrons is
material-dependent as illustrated by equation 2.4,
desc = 0.267AI/(ρZ 0.66 )

(2.4)

where desc is the average secondary electron escape depth (nm), A is the atomic weight (g/mol),
I is the first ionization energy (eV), ρ is the material density (g/cm2 ), and Z is the atomic
number. Despite this relationship, the actual emission frequencies for secondary electrons are
inconsistent making phase identification nearly impossible [7].

Figure 2.8: Example of a secondary electron image demonstrating the shadowing effects that
can illustrate topographical information.

In this thesis, secondary electron imaging was used to obtain high resolution images of
uncorroded and corroded surfaces.
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Backscatter Electron Imaging

Backscatter electrons can also be used to generate an image. Generally, backscatter images
are lower resolution than secondary electron images, but they can give elemental or compositional information. In contrast to secondary electrons, backscatter electrons are from the input
electron beam. When the electron beam reaches the sample it will penetrate into the surface,
Figure 2.7, with the electrons undergoing multiple collisions with particles within the sample
matrix. Depending on the energy of the incident beam, the electrons will penetrate to different
depths within the sample and require a different number of collisions to reach their ground
state. Certain scattering events or combinations of events can result in the complete reversal of
the electron path, and upon reaching the sample surface, these electrons can be emitted back
into the vacuum of the sample chamber and analyzed by a backscatter detector. A schematic
of electron trajectories is shown in Figure 2.9.

Figure 2.9: Simulations of electron trajectories within a Cu sample: absorbed electron paths
are shown in blue and backscattered electron paths are shown in red [7].
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The frequency of backscatter events is related to the atomic mass of an element as demonstrated in Equation 2.5a. This principal can even be applied to mixtures including different
phases or compounds as shown in Equation 2.5b,
η = −0.0254 + 0.016Z − 1.86 × 10−4 Z 2 + 8.3 × 10−7 Z 3

(2.5a)

ηmixture = ΣηiCi

(2.5b)

where η, ηmixture , and ηi are the backscatter electron coefficients for a single element, a mixture,
and an element of a mixture, respectively; Z is the atomic number, and Ci is the mass fraction
by weight of the individual elements present in the mixture. Based on these relationships,
a larger number of electrons will be backscattered by heavier materials, leading to increased
electron detection and a lighter contrast in the resulting image for areas of higher mass. This is
illustrated in Figure 2.10 where, in contrast to the secondary electron image (Figure 2.10(a)),
a clear colour difference can be observed between the Cu oxide and the Cu substrate (Figure
2.10(b)) [7].

(a)

(b)

Figure 2.10: SEM images of a cross-section of Cu oxide on a Cu substrate as collected using
(a) a secondary electron detector and (b) a backscatter detector.
Backscatter electron images were collected in this work to establish a quantitative indication of oxide distribution on corroded samples.
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Electron Backscatter Diffraction

Electron backscatter diffraction (EBSD) utilizes the diffraction pattern of backscattered
electrons to elucidate the crystal plane orientation of specific grains. To obtain such information, the electron beam of the SEM is held stationary on a sample generally tilted at 70◦ . It is
then moved across the sample using defined step-sizes to map the area of interest. This results
in a backscatter pattern called a Kikuchi pattern, which is determined by the crystal lattice
orientations in the analyzed section. This pattern can be projected onto a phosphor screen and
subsequently compared to Kikuchi patterns in databases to determine the correct lattice orientation of individual grains. Figure 2.11(a) and 2.11(b) illustrate a backscatter Kikuchi pattern
and a general schematic of an EBSD setup [8].

(a)
(b)

Figure 2.11: (a) Sample Kikuchi pattern captured using an analog video camera and (b) a
simplified schematic of an EBSD setup and the production of Kikuchi patterns on a phosphor
screen [8].
EBSD was used in this work to establish a distribution of crystal orientations in the surface
of SKB Cu which was then used to indicate the relative stability of specific crystal orientations
when exposed to HNO3 solutions.
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Energy Dispersive X-ray Spectroscopy

Energy dispersive X-ray spectroscopy (EDX) is a spectroscopic technique used in conjunction with SEM. It involves analyzing characteristic X-rays emitted from the sample following
bombardment by the incident electron beam. Such X-rays can be generated when an incident
electron ejects a core electron from an atom as depicted in Figure 2.12. This generates an elec-

Figure 2.12: Schematic depicting the possible electron relaxation pathways that can lead to
characteristic X-ray photon emission following bombardment with an electron beam [9].

tron vacancy that can be subsequently filled by a higher energy electron through relaxation.
This relaxation process generates the X-ray photon. These X-rays are characteristic of the specific relaxation processes in individual elements. This is a result of electron orbital quantization
and their element specific energies [9]. The Energy E, of the generated X-ray can be expressed
using Moseley’s Law, Equation 2.6,
E = K(Z − L)2

(2.6)

where Z is the atomic number, and K and L are constants for the specific X-ray series resulting
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from the energies of the individual atomic orbitals involved in the electron transition [10].
EDX is a versatile technique and can be used to generate spot measurements by holding
the beam stationary in a single location, area measurements by averaging spectra while rastering the electron beam, or elemental maps by generating distribution profiles for each detected
element. These measurements are very sensitive at detecting the presence of elements. However, it provides only a semi-quantitative analysis for elements of atomic number greater than
eleven [9, 10]. EDX was extensively used in this work to determine the elemental distribution
within deposits and films on corroded Cu samples.

2.2.3.5

Focussed Ion Beam Cross-Sectioning

A common method for obtaining cross-section images using an SEM is to use focussed ion
beam (FIB) milling. This technique involves bombarding the sample surface with ions to create
a trench in the area of interest on the sample. A FIB is comprised of two main components
that can be directly incorporated into an SEM: a liquid metal ion source and an ion column,
depicted in Figures 2.13(a) and 2.13(b), respectively. The liquid metal ion source produces the
ions, most commonly gallium ions, used to bombard the sample surface. A gallium reservoir
is kept at constant temperature to maintain its liquid state, allowing it to flow to the tip of a
tungsten needle. A potential is then applied to the tungsten needle and the extractor electrode
in order to generate a Taylor cone of liquid gallium that can subsequently be extracted and
accelerated into the ion column at a controlled rate. The ion column is comprised of magnetic
lenses and apertures and behaves similarly to the electron beam focusing components in an
SEM, focusing the gallium ion beam and controlling its interaction with the sample. Upon
bombardment with gallium ions, many species are produced on the sample surface, the most
important being sputtered ions and molecules for milling purposes. By rastering the beam
across the sample surface a trench can be made which allows imaging of a small cross section
of the sample [12]. An example is shown in Figure 2.10.
FIB cross-sectional images were utilized in this work to investigate the thickness of oxide
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(b)
(a)

Figure 2.13: Schematics of the main components of a FIB: (a) the liquid metal ion source and
(b) the ion column [11].
films and the topography of corroded oxide/Cu interfaces.

2.2.4

Atomic Force Microscopy

Atomic force microscopy (AFM) is an analysis technique that can be used to investigate
surface topography. As shown in Figure 2.14, this technique involves dragging a sharp tip
mounted to a cantilever across the sample surface and following the z-axis movement of the
probe by reflecting a laser off the back of the cantilever to detect its movement using a photodetector. Owing to the sharp tip, this technique can be used to obtain very high resolution
topographical information [13]. Contact AFM was used in this research to investigate the depth
of etching into grain boundaries.
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Figure 2.14: General setup of an AFM [13].

2.3
2.3.1

Spectroscopy
Raman Spectroscopy

Raman spectroscopy is a technique used to probe the chemical state of polarizable species
using the inelastic scattering of monochromatic light. A typical Raman instrument consists of
an optical microscope with a laser source and associated photo detector. The laser is directed
onto the sample surface where various energy transfer events can occur. Figure 2.15 illustrates
the potential elastic scattering events, denoted as Rayleigh transitions, and inelastic scattering
events, denoted as Raman transitions.
Rayleigh scattering, since it is an elastic scattering process, will result in identical energy
for the laser photon, E L , and the scattered photon, ES , since the electron remains or returns
to its original energy state. Raman scattering, however, results in an energy difference when
the affected electron returns to an excited state as shown in Figure 2.15, or to a lower energy
state, not shown. These Raman transitions are termed Stokes and anti-Stokes, respectively.
This energy difference, ~ων , is the Raman shift. Raman scattering arises from a change in
polarizability of a molecule with symmetric stretches where bond vibrations result in scattering.
This yields information on the structure of molecular states, allowing the technique to be used
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Figure 2.15: The various energy transitions that can occur following laser excitation [14].

to identify the species present and to determine structural information [14].
Raman spectroscopy was used in this work to identify the presence of various solid corrosion products formed on corroded Cu surfaces. It is an ideal analysis technique as water is not
Raman active and does not interfere with the performed analysis.

2.3.2

X-ray Photoelectron Spectroscopy

X-ray photoelectron spectroscopy (XPS) is a technique commonly used to probe the elemental composition of a surface. XPS is based on the photoelectric effect and is performed
by focusing an X-ray beam on the sample of interest and detecting the emitted photoelectrons.
Equation 2.7 defines the energy relationships associated with an incident X-ray beam and an
emitted photoelectron and shows that the energy of the incident photon, hν, must be able to
overcome both the binding energy of the electron, E BE , and the work function of the sample,
Φ sample .
Ek = hν − E BE − Φ sample

(2.7)
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The photoelectron ejected from an electron orbital has a low kinetic energy, Ek , and collisions
with other electrons or atoms can prevent its emission from the sample. Thus, electrons have a
low inelastic mean free path, making the technique extremely surface sensitive (∼0.5 to 4 nm
depending on the surface).
XPS spectra are plotted in terms of photoelectron yield as a function of E BE . The E BE
is dictated by the energy of the electron orbital from which the electron is emitted, which is
dependent on the bonds and interactions of that orbital with the surrounding atoms. Therefore,
the determined binding energies can be used to semi-quantitatively deduce the composition of
very thin oxide films [15].
XPS was used to investigate the composition of thin oxides present on corroded Cu samples
when EDX and Raman spectroscopy were unable to detect anything except metallic Cu.

2.3.2.1

Auger Electron Spectroscopy

Another semi-quantitative method of elemental determination using an electron beam is
Auger electron spectroscopy (AES). As for EDX, AES is dependent on the ejection of core
electrons and the subsequent relaxation of higher energy electrons. However, in the case of
AES, the generated photon is absorbed by another electron, causing the now excited electron
to be ejected from the atom instead of the X-ray photon. The energy of the ejected electron
is directly related to the energy difference between the core vacancy and the two outer shell
electrons that participate in the process; the electron that relaxes to fill the vacancy and the
ejected Auger electron. Equation 2.8 shows the approximate energy relationship that governs
the transition depicted in Figure 2.16, where E KL2,3 L2,3 is the kinetic energy of a KL2,3 L2,3 Auger
electron, E K is the kinetic energy of the K shell core hole, and E L2,3 are the kinetic energies of
the two participating electrons from the L2,3 shell.

E KL2,3 L2,3 ≈ E K − E L2,3 − E L2,3

(2.8)

A comprehensive energy calculation of an Auger electron would include additional terms
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for the atomic number of the element. To this end, these energies can be used to identify which
elements are present and yield limited information on chemical bonding.

Figure 2.16: Ejection of an Auger electron from the L2,3 energy level following the relaxation
of an L2,3 electron into a K shell core hole [6].

AES is also commonly used with ion sputtering to achieve elemental depth profiling. This is
achieved by cyclicly bombarding the sample surface with ions, commonly Ar ions, to remove a
few atomic layers of surface ions followed by the collection of an Auger spectrum. This allows
a comprehensive study of film composition as a function of depth [6, 11].

2.4
2.4.1

Solution Analysis
Inductively Coupled Plasma Mass Spectrometry

Inductively coupled plasma-mass spectrometry (ICP-MS) is a solution analysis technique
capable of measuring concentrations of solutes. This is done by pumping a liquid sample into
a plasma at 6000-7000 K, resulting in the ionization of the solution into a gas phase. The
ions are then filtered using a series of sampling cones to produce a very small sample aerosol.
This aerosol is then focussed using ion lenses before introducing them in to a quadrupole mass
spectrometer. This spectrometer, as depicted in Figure 2.17, consists of four charged rods
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which can generate a magnetic field through the application of both direct current (DC) and
alternating current (AC). The magnetic field is then used to select ions with a specific mass-

Figure 2.17: Schematic of a quadrupole mass filter [16].

charge ratio, effectively filtering the aerosol allowing the analysis of a single ion type. The
magnetic field can be altered to select a specific ion allowing its concentration to be determined
following detection [16].
ICP-MS was used in this work to determine the concentration of Cu ions dissolved in
solutions after corrosion experiments.

2.5

Electrochemical Methods

Corrosion processes on metals are electrochemical reactions. Corrosion is a materials
degradation process involving the coupling of anodic and cathodic half reactions through the
transfer of electrons, as shown in Equations 2.9a and 2.9b, where n is the number of electrons
transferred, and M, Ox, and Red represent generic metals, oxidants, and reductants, respectively.

Chapter 2. Methodologies

M

71

M n+ + ne−

Ox + ne−

Red

(Anodic reaction)

(2.9a)

(Cathodic reaction)

(2.9b)

The spontaneity of a corrosion reaction is dependent on the reduction potentials of the two
half reactions. The overall driving force for the reaction can be examined using the Nernst
equation as previously discussed in Chapter 1, Section 1.2.1. Thus, corrosion processes can be
investigated using a variety of electrochemical measurements [17].

2.5.1

Corrosion Potential

The corrosion potential (ECorr ) is the potential a corroding system naturally adopts on open
circuit, as discussed in Section 1.2.2. When considering the focus of this thesis, the corrosion of
Cu in HNO3 , Figure 2.18 can be used to illustrate the simplified current-potential relationship
[17].

2.5.2

Linear Polarization Resistance (Rp )

Linear polarization resistance (LPR) measurements provide a means of determining the
corrosion rate. Since the current at ECorr is zero, the potential is polarized to ECorr ±5mV
and the current measured. As described in Section 1.2.2.1, over this short potential range the
current-potential relationship is approximately linear; i.e. Ohm’s Law is obeyed, and the slope
of the I-E relationship defines the polarization resistance (Rp ), which is inversely proportional
to the corrosion rate [17].

2.5.3

Potentiodynamic Polarization and Cyclic Voltammetry

Both potentiodynamic polarization (PDP) and cyclic voltammetry (CV) involve scanning
the applied potential over a wide range and monitoring the induced current. This potential
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Figure 2.18: Schematic diagram showing the coupling of an anodic and cathodic half reaction
at ECorr .

scan can be performed in a single direction in the case of a PDP or for multiple cycles in the
case of a CV. The anodic and cathodic currents observed, correspond to the oxidation and
reduction reactions occurring on the electrode surface. In a CV the oxidations and reductions
can be classified as reversible or irreversible depending on whether an anodic reaction observed
on the scan to more positive potentials can be reversed on the reverse scan to more negative
potentials. The current value and the shape of the current-potential relationship depends on the
nature of the reaction(s) occurring [17].

2.5.3.1

Rotating Disc Electrode

A rotating disc electrode (RDE) allows control of the flux of reactants to, and soluble products away from, the working electrode. Under stagnant conditions the current at an electrode
surface can be controlled by either the rate of the electrochemical reaction or the diffusion rate
of reactants and/or products in the solution. If the rate of diffusion is greater than that of the
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electrochemical reaction at the electrode surface, the current is dependent on the rate of the reaction at the electrode surface. If the reaction at the electrode surface is faster than the diffusion
rate, then the current will be controlled by the diffusion of reactants to, or products from, the
electrode. When diffusion of reactants to the electrode surface is rapid, a uniform concentration
of reactants throughout the solution is maintained. When diffusion is slower than the interfacial
reaction a depletion layer develops at the electrode-solution interface, and the concentration of
the reactant will be lower than that in the bulk solution.
The rate of diffusion is given be Fick’s First Law, Equation 2.10, in which the flux is
proportional to the concentration gradient, over the range within which the concentration is
depleted,
J(x, t) = −D

δc(x, t)
δx

(2.10)

where J is the flux in mol/(m2 ·s), D is the diffusion coefficient in m2 /s, and c is the concentration
of the diffusing species in mol/m3 . At steady-state, the flux is independent of time, and Fick’s
Second Law can be approximated to Equation 2.11,
J = −D

∆c
D
= − (cb − c s )
∆x
δ

(2.11)

where δ is the Nernst diffusion layer thickness, cb is the concentration in the bulk solution, and
c s is the concentration at the electrode surface. The relationship between the appoximation of
Fick’s First Law and the Nernst diffusion layer is shown in Figure 2.19.
A rotating disc electrode can be used to control the thickness of the Nernst diffusion layer by
promoting laminar flow across the surface of the electrode. The rotation rate of the electrode
can be varied to change the Nernst diffusion layer thickness, and hence change the flux of
species to and from the electrode surface. The relationship between electrode rotation rate and
the Nernst diffusion layer thickness is described by Equation 2.12,
δ = 1.61ν1/6 D1/3 ω−1/2

(2.12)
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Figure 2.19: Illustration showing the approximation of Fick’s First Law (solid line, Equation
2.10) using the approximate Nernst diffusion layer (dashed line, Equation 2.11).

where ν is the kinematic viscosity of the solution (m2 /s) and ω is the angular frequency of
the electrode (rad/s). If the reaction rate is controlled only by the diffusion of reactant to
the electrode surface then the Levich equation, Equation 2.13, can be used to describe the
relationship between current and ω,
iL = 0.62nFAν1/6 D2/3 ω1/2 cb

(2.13)

where A is the area of the electrode (m2 ). This relationship yields a linear plot between the
current and the square root of the rotation rate of the electrode, from which a value for the
experimental diffusion coefficient can be obtained. In a PDP or CV experiment, conducted
using a rotating disc electrode, the current is controlled electrochemically at low potentials,
but at a sufficiently large applied potential the current becomes independent of potential and
dependent only on the electrode rotation rate (ω). Under these conditions the current is the
limiting current, IL , and given by the Levich equation [17].
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Microcell

The microcell setup was used to investigate corrosion processes in small solution volumes
where the surface area to volume ratio was much higher. In this setup, the rubber stopper was
utilized to mitigate evaporation during the lifetime of the experiment by decreasing the area by
which air can exchange in and out of the cell. Over time, evaporation would occur, leading to
a slight increase in the solution concentrations, however, the experiment duration was tailored
to mitigate these effects by ending the experiments before significant solution loss occurred.

Figure 2.20: Schematic design of an assembled microcell.
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[15] Hüfner, S. Photoelectron Spectroscopy: Principles and Applications. Springer Science
& Business Media, 2013.
[16] Thomas, R. A Beginner’s Guide to ICP-MS. Spectroscopy 2001. 16 (4), 38–42.
[17] Bard, A.J.; Faulkner, L.R.; et al. Electrochemical Methods Fundamentals and Applications. Wiley New York, 2001.

Chapter 3
The Effects of Cathodic Reagent
Concentration and Small Solution
Volumes on the Corrosion of Copper in
Dilute Nitric Acid Solutions

3.1

Introduction

The internationally accepted method for the permanent disposal of high-level nuclear waste,
which is currently under consideration in Canada, is burial in a deep geological repository
(DGR) at a depth of ≥ 500 m in a suitably dense intact rock, Figure 3.1. To ensure containment,
the fuel waste form will be sealed in a corrosion resistant container designed to withstand
the anticipated hydrostatic, lithostatic, and glacial loads. The original container design was
similar to the Scandinavian KBS-3 container, comprising an inner steel vessel protected against
corrosion by a 25 mm to 50 mm thick Cu outer shell [1]. However, corrosion models predict
that the maximum corrosion penetration in a Canadian DGR will be < 1.27 mm over 106 y
[2, 3].
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Figure 3.1: Schematic illustration of the proposed Canadian DGR showing how the used fuel
bundles would be sealed in a Cu-coated steel vessel and emplaced in engineered tunnels with
the region around the container filled with bentonite clay blocks and the residual space backfilled with a clay/crushed rock mixture. The general layout of the DGR is illustrated by the
features 1 to 4.

With this in mind, and to overcome design and fabrication issues, a thinner-walled Cucoated container is being investigated [4]. This has stimulated a re-evaluation of the container corrosion performance, in particular whether or not radiolytic oxidants, produced by the
gamma (γ) radiation emitted by the decay of radionuclides in the spent fuel wasteform, will
lead to meaningful amounts of corrosion damage. For a thick-walled container, γ-radiation
fields at the outer surface of the container (<< 1 Gy/h) were considered unimportant because
their influence on corrosion would be negligible [5]. However, for the thin-walled coated container, the γ-dose rate at this location will be increased by a factor of >20, and is calculated
to decay from ∼ 2.3 Gy/h to ∼ 0.02 Gy/h over 200 y [6]. As a consequence, a more thorough
analysis of the possible influence of radiation on corrosion damage is required.
Upon sealing the DGR, the temperature of the container surface will rise as a result of the
heat produced by the radioactive decay processes. Initially, this will produce a low humidity environment in the vicinity of the container and negligible corrosion would be anticipated.
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Subsequently, moisture will return as the containers cool, allowing the local relative humidity (RH) to exceed the critical value required to establish aqueous conditions, leading to the
onset of atmospheric corrosion [7]. The period required to establish full saturation of the near
field (i.e., the compacted clay close to the container surface) will depend on the site-specific
hydraulic conductivity of the host rock, and is currently estimated to be ∼ 50 y (for crystalline
rock) or ∼ 5,000 y (for a sedimentary host rock) [8].
As saturation occurs, the prospects for corrosion increase, and four different, but not necessarily separated, container exposure periods can be defined [9]: (i) aerated vapor but no
condensed H2 O on the Cu surface; (ii) aerated vapor in equilibrium with condensed H2 O; (iii)
anoxic, or close-to-anoxic, conditions with either H2 O vapor in equilibrium with condensed
H2 O or a fully saturated condition; and (iv) a fully anoxic, H2 O-saturated condition. During this evolution, the redox conditions at the Cu surface will be significantly influenced by
the γ-radiation field which will produce oxidants in both aqueous vapor and condensed H2 O.
This study is primarily concerned with the period when a combination of aerated vapor and
condensed water exists at the container surface. Under these conditions the radiolysis of the
aerated vapor will produce HNO3 [10–12], which will be absorbed into condensed H2 O in
contact with the aerated vapor [13–15].
The effect of radiation on the corrosion of Cu has been studied in both aqueous solutions
[16–23] and in humid air [24], usually at dose rates well in excess of those anticipated on a
container surface, but with contrasting observations. In both aerated and deaerated chloride
solutions (150◦ C, 27 Gy/h), radiation appeared to be beneficial, leading to the formation of an
apparently protective Cu2 O film [18, 19]. In the absence of radiation, the film was fractured
and contained CuCl3 · Cu(OH)2 indicating breakdown of the Cu2 O layer and the deposition
of Cu2+ solids. At higher dose rates (80 Gy/h to 770 Gy/h), more extensive corrosion was
observed with the deposited corrosion product film (predominantly Cu2 O) thought to play a
significant role in amplifying the influence of γ-radiation [23].
Under unsaturated aerated conditions more relevant to these studies, modest dose rates
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(100 Gy/h [90◦ C to 150◦ C]) [24] also lead to the formation of an apparently protective Cu2 O
layer, the corrosion rate being only marginally greater (∼ 1.5 times) than that in the absence of
radiation. At a higher dose rate (700 Gy/h), cupric nitrate (Cu2 NO3 (OH)3 ) was formed, again
suggesting the establishment of oxidizing surface redox conditions sufficient to cause oxidative
breakdown of the Cu2 O base layer and the incorporation of radiolytically-generated NO−3 into
the corrosion product.
In experiments at very low dose rates (0.35 Gy/h) close to those anticipated under DGR
conditions (70% and 85% RH, 70◦ C) [25], the corrosion process exhibited similar features,
the formation of a generally protective Cu2 O layer with local patches within which this layer
appeared ruptured, leading to more extensive corrosion and the formation of Cu2+ deposits.
Whether or not these patches formed depended primarily on the RH, occurring more extensively at the higher RH, but the number of such locations also increased in the presence of
radiation.
Cu corrosion driven by both NO−3 and O2 reduction will lead to the consumption of H+ . For
each dissolved Cu2+ species produced by O2 reduction, 4H+ or 2H+ will be consumed [26–28]
regardless of whether the O2 is fully reduced to H2 O,
O2 + 4H+ + 4e− → 2H2 O

(3.1)

or if some fraction of the O2 is only partially reduced to H2 O2 ,
O2 + 2H+ + 2e− → H2 O2

(3.2)

The reduction of NO−3 is a multistep reaction which will consume 9H+ and 8e− if complete
reduction to NH3 occurs,
NO−3 + 9H+ + 8e− → NH3 + 3H2 O

(3.3)
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However, the conditions under which complete reduction can be achieved have not been resolved [26, 28–31]. In acidic solutions, at applied potentials approaching corrosion potential (ECorr ), electrochemical experiments indicate the reaction will be limited to one involving
only the first two e− leading to NO−2 formation and the consumption of 2H+ ,

NO−3 + 2H+ + 2e− → NO−2 + H2 O

(3.4)

While these studies yield information on the influence of radiation on Cu corrosion, they
have not elucidated the corrosion mechanisms in sufficient detail that models predicting the
extent of radiolytic corrosion of Cu under DGR conditions can be developed. In this paper, a
study of Cu corrosion in simulated aerated vapor is presented. The primary goal is to investigate
the consequences of the radiolytic production of HNO3 and its absorption by condensed H2 O
on the corrosion of Cu high-level nuclear waste containers. The progress of corrosion was
monitored by following changes of pH in small, limited volumes of solution. While the solution
volume used in the experiments (1.5 mL) was large compared to that anticipated in a condensed
H2 O layer or in wet areas on a Cu container surface, it enabled study of the corrosion process
up to the establishment of a steady-state condition.

3.2
3.2.1

Experimental
Electrode Materials and Preparation

Specimens were cut from an O-free, P-doped, Cu block supplied by Svensk
Kärnbränslehantering AB (SKB).
Cu coupons for microcell experiments were cut as 100 mm long cylinders and the top
circular surface mechanically polished prior to an experiment using a series of Si-C papers
from P800 to P2400 grit. The cylinder was then wrapped in polytetrafluoroethylene (PTFE)
tape, leaving only the top surface exposed. Heated PTFE heat shrink tubing was then placed
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over the Cu cylinder and allowed to shrink and form a seal to the PTFE tape, Figure 3.2. A
solution volume of 1.5 mL was used in each experiment. After each experiment, a 5 mm thick
disc was mechanically cut from the top of the Cu cylinder to provide a specimen for analyses
of the corroded surface.

Figure 3.2: Schematic of microcell arrangement.

3.2.2

Solutions

All solutions were prepared using Type-1 water from a Barnstead Nanopure (Thermoscientific) water purification system with a resistivity of 18.2 MΩ · cm. All HNO3 solutions were
prepared by adding specific volumes of a stock solution prepared using HNO3 (supplied by
Caledon) and Type-1 H2 O. Aerated experiments were performed with the microcell, Figure
3.2, open to the atmosphere, ensuring a continuous presence of dissolved O2 in the solution.
Experiments under anoxic conditions were performed in an Innovative Technology PureLab
HE Ar-filled glovebox. The minimum measurable [O2 ], set by the detection limit of the O2
sensor in the chamber, was 0.1 ppm. Using a Henry’s law constant of 7.79 × 104 L · kPa/mol at
298 K, the dissolved [O2 ] was estimated to be ≤ 0.0042 ppb.
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Experimental Procedures

The solution pH was measured periodically by temporarily removing the rubber stopper
from the microcell and inserting an Orion 9110DJWP Double Junction pH Electrode, Figure
3.2. Care was taken to avoid contact of the pH probe with the Cu surface. On completion of
an experiment, the cell was dismantled and the corroded surface washed with Type-1 H2 O. A
section ∼ 5 mm thick was then cut from the surface for analyses. The freshly exposed surface
was then re-prepared as described above.

3.2.4

Analytical Procedures

Scanning electron microscope (SEM) analyses were performed using a Hitachi SU3500
Variable Pressure SEM equipped with a Quartz PCI XOne SSD X-ray analyzer. An electron
beam with an accelerating voltage ranging between 15 kV and 25 kV and a working distance
of 10 mm was used to collect high-resolution images at various magnifications. Focussed
ion beam (FIB) cross sections were performed using a LEO (Zeiss) 1540XB FIB/SEM at the
Western Nanofabrication Facility. An electron beam with an accelerating voltage of 5 kV and
a working distance of 20 mm was used to collect high-resolution images of the milled samples
at various magnifications.
Raman spectra were obtained using a Renishaw 2000 Raman spectrometer equipped with a
633 nm He-Ne laser and an Olympus microscope. Images were collected using a 50 × uncoated
objective lens with the beam focused to a diameter of ∼ 2 µm. The power of the laser beam at
the sample surface was kept to 10% to avoid laser heating effects. All spectra were calibrated
against the 520.5 cm−1 peak of Si.
On completion of an experiment, the 1.5 mL of HNO3 used in the microcell experiments
was placed in a glass vial and analyzed by inductively coupled plasma-mass spectrometry
(ICP-MS) to determine the concentration of dissolved Cu. All ICP-MS analyses were performed using an Agilent Model 7700 ICP-MS.
The depth of grain boundary etching and the degree of surface roughness were investigated
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using a Park Systems XE-100 atomic force microscopy (AFM).
Optical images were collected using a Leica DVM6 digital microscope.

3.3
3.3.1

Results and Discussion
Corrosion Rate as a Function of Nitric Acid Concentration

Figure 3.3 shows the evolution of pH with exposure time, measured in the microcell, for
a number of HNO3 concentrations ranging from 10 mM to 150 mM. The initial pH is that
expected based on the initial HNO3 concentration. Subsequently, as corrosion proceeds, driven
by one or more of the available proton-consuming cathodic reactions (Equations 3.1 through
3.4 above), the pH changes slowly at a rate dependent on the initial H+ “reservoir” before
increasing approximately exponentially. This increase is arrested at a pH value between 3.7
and 3.4 which, as indicated by the horizontal line in Figure 3.3, is close to the pKa for the
HNO2 dissociation reaction [32]:

HNO2

NO−2 + H+

(3.5)

The duration of this arrest, and the pH at which it occurs, varies only slightly with the
initial [HNO3 ]. The observation that HNO2 is present indicates that NO−3 reduction is occurring
although, as will be demonstrated below, O2 reduction is also occurring. Beyond the buffered
region, a second increase in pH is observed indicting that corrosion is continuing until a final
steady-state value between 4.5 and 5.1 is achieved, with the lower values again reflecting the
larger overall H+ inventories available at the higher initial [HNO3 ] values. The role of the
precipitation of copper oxides in determining this final pH are discussed in more detail below.
The amount of H+ consumed (in mM), ∆[H+ ], can be calculated from the difference between the initial H+ inventory and the amount of H+ remaining after an exposure period (t).
The slopes of the ∆[H+ ] consumption plots, Figure 3.4, yield a measure of the rate of consump-
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Figure 3.3: Evolution of pH as a function of time for various initial [HNO3 ].

tion (∆[H+ ]/∆t) plotted as a function of the initial [HNO3 ] in Figure 3.5. To obtain a measure
of reproducibility, the experiment for an initial [HNO3 ] of 100 mM was repeated seven times
yielding an average value of 8.40 ± 2.37 mM/d. While the low precision associated with this
value may illustrate the variability in the kinetics of the corrosion reaction and possibly variations in the relative importance of the two possible cathodic reactions, it will also contain some
error associated with the measurement of pH at the lower values.
The dependence of ∆[H+ ]/∆t on the initial [HNO3 ] could be attributed to either or both of
two influences: a dependence of the corrosion rate on [NO−3 ]; and/or a pH dependence of the
corrosion rate driven by O2 reduction. Close inspection of Figure 3.5 suggests the rate may
become independent of pH and/or [HNO3 ] for [HNO3 ] < 30 mM, although, a more extensive
series of measurements is required to confirm whether this is the case.
Once the buffer capacity of HNO2 is exhausted (pH 3.7 to 3.4), the pH increases further,
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Figure 3.4: Proton consumption as a function of time. The inset shows an amplification of
proton consumption after the pH buffer region (Figure 3.3).

indicating a continuation of the corrosion reaction (Figure 3.3). To calculate the [H+ ] consumption rates in this exposure period, values of ∆[H+ ] were calculated by subtracting the [H+ ] in
the buffered region from the subsequent measured values of [H+ ]. The proton consumption
values (∆[H+ ]) obtained are plotted as a function of time in the inset in Figure 3.4. No significant variations in slope (∆[H+ ]/∆t) with initial [HNO3 ] are observed and only small changes
in ∆[H+ ] occur before [H+ ] consumption ceases.

3.3.2

Corrosion Progression in 100 mM Nitric Acid

To investigate the evolution of the corrosion process as the pH changes, a series of identical
microcell experiments were conducted in aerated solutions containing 100 mM of HNO3 . Individual experiments were stopped at different times, the pH measured, and the concentration
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Figure 3.5: The [H+ ] consumption rate as a function of the initial [HNO3 ] in the microcell.

of dissolved Cu (Cuaq ) analyzed. The pH-exposure time plot (from Figure 3.3) and the ∆[H+ ]
values and [Cuaq ] from the individual experiments are compared in Figure 3.6. Three distinct
regions of behavior are apparent.
The first stage (light red in Figure 3.6) encompasses the exposure period within which
the pH increases exponentially. To check that this series of experiments can be legitimately
compared to that from Figure 3.3, the [H+ ] consumption rate was calculated from the initial
and final pH values for three individual experiments that were stopped at different stages of the
pH evolution. Assuming a linear decrease in [H+ ], an average value of 7.3 ± 1.15 mM/d was
obtained. This is well within the range of values of 8.4 ± 2.37 mM/d, measured in the previous
experiments. As expected, the [Cuaq ] also increases over this exposure period at an average
rate of 4.14 mM/d. Based on the E-pH diagram for Cu [26, 33] and the relative solubilities of
Cu+ and Cu2+ in the pH range 1 to 3.5, dissolution of cations in both oxidation states can occur,
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Figure 3.6: Evolution in pH, [Cuaq ], and ∆[H+ ] in the microcell in a solution containing 100
mM HNO3 . Three distinct stages of corrosion are numbered. The dotted red line in Stage 3
indicates the solubility limit for Cuaq .

with Cu2+ expected to dominate.
Stage 2 (green in Figure 3.6) corresponds to the region in which the pH is buffered by
Equation 3.5. Although no change in [H+ ] can be measured, the increase in [Cuaq ] indicates
corrosion continues but at a much lower rate, a possible indication that [Cuaq ] is approaching
or has exceeded a solubility limit. The final stage (blue in Figure 3.6) encompasses the region
within which [H+ ] consumption ceases. The [Cuaq ] also appears to stabilize, although the high
value observed after 45 d prevents a definite conclusion. Based on the solubility-pH diagram
for the dominant solution species, Cu2+ [34], the solubility at the final pH of 4.6 is calculated
to be ∼ 63 mM, which is close to the measured [Cuaq ] values as indicated by the dashed line
in Figure 3.6, indicating the solubility limit for Cu2+ is reached in this region. Because neither
Cu+ nor Cu2+ are significantly hydrolyzed at pH = 4.6, buffering of the pH by hydrolysis
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equilibria, which would allow corrosion to continue without an observable change in pH and
[Cuaq ], is not a feasible process, indicating that corrosion ceases when the solubility limit is
reached.
Specimens removed during the various stages (defined in Figure 3.6) show that the nature of the corrosion process evolves with time. The optical and SEM images, Figures 3.7(a)
and 3.7(b), recorded on the specimen corroded for 10 d, show extensive damage, with some
grains more damaged than others, confirming that extensive corrosion occurs throughout Stage
1. Some grain boundaries are preferentially dissolved, as shown by the AFM image, Figure
3.7(d), and the FIB-cut cross section in Figure 3.7(c). In the latter case, this probably reflects
the different dissolution rates of the adjacent grains, the height difference between the two
grains being ∼ 3 µm. The AFM map depicts two grains corroding at similar rates, with preferential etching of the grain boundary occurring to a depth of ∼ 3 µm. These observations are
consistent with published studies showing similar etching in acidic solutions [35].
Figure 3.7(e) shows a series of Raman spectra recorded at various locations on the corroded
surface. The peaks at 525 cm−1 , 625 cm−1 , 147 cm−1 , and the faint peak at 220 cm−1 indicate
the presence of Cu2 O [20–23, 36–39]. The detection of this phase in the absence of any discrete
deposited crystals suggests Cu2 O is present as a pervasive surface film. Given the roughness of
the corroded surface, it is possible these Raman responses are surface-enhanced [29] and that
the variations in peak intensities reflect the different corrosion rates on different crystal faces,
with strong signals surface enhanced.
While the dissolution of Cu can lead to both soluble Cu+ and Cu2+ [26, 33], the latter is
considerably more soluble in acidic solutions and, hence, the expected dissolution product.
Additionally, dissolved Cu+ is likely to undergo homogeneous irreversible oxidation to Cu2+
in an aerated solution [40]:

4Cu+ + O2 + 2H2 O → 4Cu2+ + 4OH−

(3.6)

Consequently, two processes could account for the presence of a Cu2 O surface layer: (i) the
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Figure 3.7: Analysis of a Cu surface corroded in a solution containing 100 mM HNO3 (10
d). (a) Optical and (b) SEM images showing the etched Cu surface; (c) a FIB cross-section
image and (d) an AFM map of a preferentially etched grain boundary; and (e) Raman spectra,
indicating the presence of a thin Cu2 O oxide.
phase is formed and partially stabilized on the Cu surface by reaction with NO−3 (as described
above) and is an intermediate in the anodic dissolution process to produce Cu2+ ; or (ii) large
concentrations of Cu2+ are unstable in the presence of Cu and react to form Cu2 O [41].
In Stage 2, when [Cuaq ] is considerably higher (after 17 d) and corrosion is continuing,
a scattered, unprotective corrosion product deposit is observed. In the optical and SEM images, Figures 3.8(a) and 3.8(b), the etched morphology of the Cu substrate remains visible at
locations not covered by corrosion product. The dark blue areas in the optical image, Figure
3.8(a), indicate the location of the large crystals (≥ 50 µm in dimension) like the one shown in
Figure 3.8(b). Cuprite is known to form many derivatives of cubic structures, suggesting such
truncated cubic structures are Cu2 O [42–45].
The SEM image, Figure 3.8(c), also shows the presence of smaller cubic oxide particles
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(e)

Figure 3.8: Analysis of a Cu surface after corrosion in a 100 mM HNO3 solution for 17 d. (a)
Optical and ([b] and [c]) SEM images showing the various Cu2 O oxide forms; (d) a FIB-cut
cross section showing the oxide is strongly adherent to the Cu surface; and (e) Raman spectra
indicating the presence of Cu2 O and possibly CuO.
with dimensions ranging from 2 µm to 10 µm. FIB-cut cross sections of these cubes, Figure
3.8(d), shows they are strongly adherent to the Cu surface. SEM/energy dispersive X-ray
spectroscopy (EDX) analyses suggest they are Cu2 O [42–45]. This is confirmed by the Raman
spectra in Figure 3.8(e), which exhibit strong signals at the locations of large crystals and
weaker signals accompanied by high levels of fluorescence at locations covered by scattered
small cubes. Although too small to unequivocally identify by Raman spectroscopy [46], the
shape of these small cubes suggest they are Cu2 O [42–45]. The very weak signal at 297 cm−1
yields the first indication of the formation of CuO [37, 47, 48]. This observation is consistent
with the expected [Cuaq ], which is close to the solubility limit for Cu2+ in this region. Given
the relative solubilities of Cu+ and Cu2+ , the earlier deposition of Cu2 O is expected.
For a specimen removed in Stage 3 (after 37 d), the etched Cu substrate surface can no

Chapter 3. The Effects of Cathodic Reagent Concentration and Small Solution...

(c)

(b)

(a)

(d)

93

(e)

Figure 3.9: Analysis of a Cu surface corroded in a 100 mM solution of HNO3 for 37 d. (a)
Optical and ([b] and [c]) SEM images showing forms of the Cu2 O and Cu2 NO3 (OH)3 deposits;
(d) a FIB-cut cross section indicating the oxide forms a protective surface layer; and (e) Raman
spectra indicating the presence of Cu2 O, Cu2 NO3 (OH)3 , and possibly CuO.
longer be seen in either optical, Figure 3.9(a), or SEM images, Figures 3.9(b) and 3.9(c), the
surface being covered by a compact featureless Cu2 O layer with patches of light blue (Figure
3.9(a)) rouaite (Cu2 NO3 (OH)3 ) platelets, Figure 3.9(c). Raman spectra, Figure 3.9(e), confirm
the dominant surface phase is Cu2 O with a minor signal for CuO. Raman spectra collected at
the light blue locations in the optical image show peaks for both rouaite [46, 49] and Cu2 O,
confirming that the Cu2+ phase is deposited on the surface of a Cu2 O layer. Examination of the
FIB-cut cross section, Figure 3.9(d), shows that the Cu2 O layer present at the pH prevailing
in this region, at which the solubility of Cu+ will be significantly reduced, is compact and
protective. As noted above, and illustrated in Figure 3.6, the solubility limit for Cu2+ at the pH
prevailing in this region is also exceeded. That Cu2+ co-precipitates with NO−3 and OH− [50, 51]
confirms that unreduced NO−3 remains in the solution despite the extensive H+ consumption,

Chapter 3. The Effects of Cathodic Reagent Concentration and Small Solution...

94

leading to a sufficiently high pH for this co-precipitation of Cu2+ , NO−3 , and OH− .

3.3.3

Oxygen Effect on Corrosion Rate

In an attempt to determine the relative importance of the two possible cathodic reactions, a
series of experiments (10) were conducted in 100 mM HNO3 in the absence of dissolved O2 in
an anaerobic chamber for various durations. No measurable H+ consumption was observed in
any of the experiments including one that lasted for 363 d, Figure 3.10. To emphasize the con-

Figure 3.10: Change in pH and [Cuaq ] in a series of experiments (of various durations) in
an anoxic 100 mM HNO3 solution compared to the changes observed in an aerated 100 mM
HNO3 solution (from Figure 3.6 [outlined in red]). The inset shows a magnification of the first
45 d.

trast with the rapid H+ consumption under aerated conditions, the plot for this [HNO3 ] (from
Figure 3.3) is also included. SEM micrographs, Figure 3.11, show corrosion was unobservable
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Figure 3.11: SEM micrographs of Cu coupons after immersion in 100 mM HNO3 in an anaerobic chamber for ([a] and [b]) ∼ 31 d; ([c] and [d]) ∼ 119 d; ([e] and [f]) ∼ 230 d; and ([g] and
[h]) ∼ 363 d.
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over the first 120 d of exposure despite the presence of the potential oxidant, HNO3 . After
230 d, shallow pitting was observed which evolved after 363 d into a more general roughening
of the surface, generally associated with the polishing lines. The very slow rate of corrosion
is confirmed by ICP-MS analyses of the dissolved Cu concentration in the microcell, which
increases from 1.8 mM after 120 d to 3.2 mM after 363 d. This can be compared to the 70
mM to 90 mM concentrations, accompanied by the copious deposition of corrosion products,
observed after 25 d to 45 d when dissolved O2 is present. Assuming a linear accumulation
of dissolved Cu with exposure time yields a Cu release rate of 0.010 mM/d to 0.015 mM/d
compared to 4.14 mM/d under aerated conditions, a decrease by a factor of ∼ 280 to ∼ 460.
This behavior shows that corrosion is inhibited in HNO3 solutions consistent with literature
claims that NO−3 reduction is difficult to induce on Cu surfaces [28, 30]. A number of studies have shown that, depending on the Cu crystal plane, NO−3 reduction is either completely
blocked or proceeds very slowly [29, 52]. Based on AFM and enhanced Raman spectroscopy
studies, this was attributed to either the chemisorption of NO−3 or to the formation of Cu2 O by
the extraction of an O atom from adsorbed NO−3 . The formation of these species, especially a
Cu2 O layer, would be consistent with this study’s Raman spectroscopic observations.
This comparison between the corrosion behavior in anoxic and aerated environments clearly
demonstrates that dissolved O2 is the dominant oxidant. However, the observation that HNO2
is formed in aerated solutions confirms NO−3 reduction is also occurring to a greater extent
than observed under anoxic conditions. A possible explanation for such an activation process
would be production of Cu+ as a surface intermediate. This species has been shown to act as a
catalyst for NO−3 reduction on Cu surfaces [28, 29, 53]. However, because Cu+ is considerably
less soluble than Cu2+ in the pH range of these experiments [34, 54], it is likely to have only
a transient lifetime as a surface species before further oxidation to the soluble Cu2+ , a reaction
which appears to occur dominantly by reaction with dissolved O2 .
In the absence of O2 , corrosion is very significantly reduced as a result of the formation
of chemisorbed NO−3 and/or NO−2 , and/or Cu2 O. These surface species are only marginally
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protective, with corrosion slowly leading to a more general roughening of the Cu surface. In
the microcell, the ready availability of O2 would maintain the production of Cu+ and, hence,
the catalysis of NO−3 reduction, leading to the formation of soluble Cu2+ .

3.4

Summary and Conclusions

• The corrosion of Cu has been studied in small volumes of HNO3 solution to simulate the
influence of the radiolytic production of HNO3 in aerated water vapor.
• In the presence of deaerated HNO3 , only minor surface roughening occurred, the initial
rapid reduction of HNO3 leading to a marginally reactive surface by either the formation of
chemisorbed NO−3 and NO−2 and/or the formation of a thin Cu2 O layer.
• When O2 was present, corrosion was markedly accelerated with O2 initially acting as the
dominant cathodic reactant. This led to the activation of HNO3 as a cathodic reactant, a process
which appeared to involve the catalytic influence of Cu+ .
• While corrosion was initially very rapid, saturation of the limited volume of solution
eventually led to stifling of the corrosion process by the accumulation of Cu2 O and, to a limited
extent, CuO.
• Unreduced NO−3 was eventually precipitated on the Cu2 O/Cu surface once saturation with
dissolved Cu2+ was achieved.
• While these results establish a feasible mechanism for the corrosion of Cu in aerated
HNO3 , the absence of clay sealing material precludes their direct application to deep geologic
repository conditions.
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Chapter 4
The Kinetics of Copper Corrosion in
Nitric Acid

4.1

Introduction

One of the most critical requirements to ensure the integrity of the proposed Cu-coated
steel container for Canadian high level nuclear waste is a comprehensive model to simulate the
reactions and interactions that will occur over the life time of the container. When developing
such a model, the kinetic information for each corrosion process must be well understood to
ensure a meaningful simulation. Current models exist outlining many of the major corrosion
processes [1–5]. However, a model which assesses the influence of radiolysis on the corrosion
of the Cu coating does not yet exist [6]. Since humid air radiolysis, a phenomena discussed
in Section 1.1.3.1, is a short term process which could cause some corrosion damage without
leading to container failure, it may be sufficient to determine the nature and extent of corrosion
damage leading to the specification of a corrosion allowance for this process. To achieve this,
a thorough understanding of the mechanism of the corrosion process is required.
Many reactive species can result from the gamma radiolysis of humid air, with one of
the most concerning being HNO3 [7]. In Chapter 3, the corrosion process in both aerated
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and deaerated HNO3 solutions was investigated by following the pH and the concentration of
dissolved Cu in a small volume of solution designed to simulate the limited amounts of H2 O
which will condense on the container surface. These studies showed that negligible corrosion
occurred in anoxic HNO3 , but the corrosion rate increased markedly when O2 was added.
Based on pH measurements it appeared that the HNO3 became activated as a cathodic reagent
when O2 was present. It was proposed that this could be attributed to the catalytic influence of
Cu+ [8–10]. Since the experiments were conducted in a small solution volume, saturation of
the solution with dissolved Cu+ /Cu2+ lead to the deposition of a substantial layer of corrosion
products and the apparent suppression of the overall corrosion process. Since both possible
cathodic reactions consume H+ , Reactions 4.1 and 4.2,
NO−3 + 2H+ + 2e− −→ H2 O + NO−2

(4.1)

1/2O2 + 2H+ + 2e− −→ H2 O

(4.2)

the evolution of pH with time provided a means of following the kinetics of the corrosion
process but could not differentiate the relative importance of the two reactions [8].
In this chapter the corrosion mechanism was investigated in more detail using electrochemical and surface analytical measurements with the primary goal of determining which of the
two cathodic reagents is dominant and whether the cathodic reaction involving NO−3 is catalyzed by the presence of Cu+ . To avoid the complications resulting from the deposition of
corrosion products, experiments were conducted in the presence of a large solution volume;
i.e., experiments were conducted in a cell with a very small electrode surface area to solution
volume ratio.
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Experimental
Materials

All electrodes for electrochemical experiments were 1 × 1 × 1 cm cubes of O-free, P-doped
Cu, supplied by Svensk Kärnbränslehantering AB (SKB), Solna, Sweden. The cubes were
attached to a steel dowel by a threaded hole. All but one surface of the Cu coupon was isolated
from the solution using epofix epoxy and the steel dowel was isolated using polytetrafluoroethylene (PTFE) shrink tubing. The exposed Cu surface was subsequently prepared using a
series of Si-C grinding pads ranging between P800 and P2400. Following grinding, the sample was placed in an ultrasonic bath with methanol for 2 minutes followed by water for an
additional minute before being dried in a high velocity Ar stream. For experiments performed
under anoxic conditions, a final polishing step to achieve the final surface finish was performed
inside an anaerobic chamber.

4.2.2

Experimental Procedures

Solutions were prepared by mixing the appropriate volumes of HNO3 , provided by Caledon, and Type-1 water with a resistivity of 18.2 MΩ.cm, collected from a Barnstead Nanopure
water purification system provided by Thermoscientific. NaNO3 , provided by Caledon, was
added to solutions when necessary. Aerated solutions were left open to the atmosphere to allow mixing between the headspace of the electrochemical cell and the surrounding atmosphere.
Experiments conducted using specific O2 concentrations were constantly sparged at 0.1 L/min
using various ratios of pure O2 and Ar. The flow rate and the ratios of the two gases were
achieved using two Gas Mass Flow Meters provided by Alicat Scientific and controlled by
in-house designed software. Solutions were sparged for 20 minutes prior to the start of an experiment to ensure equilibrium had been achieved. Conversions from O2 vol% to concentration
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were done using Henry’s Law, Equation 4.3,
Hcp =

cO2
ρ

(4.3)

where Hcp is Henry’s constant (13 × 10−3 mol.L−1 .atm−1 [11]), cO2 is the aqueous concentration
of O2 , and ρ is the O2 partial pressure. Anoxic experiments were performed in an Innovative
Technology PureLab HE Ar-filled glovebox equipped with an O2 sensor to ensure the [O2 ]
remained below 0.1 ppm in the chamber.

4.2.3

Electrochemical experiments

Electrochemical experiments were performed in a standard, three-electrode glass cell. A
solution volume of 500 mL was used to achieve an electrode surface area to solution volume
(SA/V) ratio of 0.002 cm−1 and to avoid exceeding solubility limits for Cu oxides/hydroxides.
A piece of Pt foil attached to a Pt wire acted as the counter electrode, and potentials were measured against a saturated calomel reference electrode (SCE) (0.241 V vs. standard hydrogen
electrode (SHE)) [12]. All electrochemical measurements were conducted inside a grounded
Faraday cage to eliminate interferences from external electrical fields. A Solartron 1480 MultiStat was used to control applied potentials and record current responses. CorrWare (V. 3.4d)
software (Scribner Associates) was used to control instrumentation and to record and analyze
data. Corrosion potential (ECorr ) measurements were collected for various periods of time followed by polarization resistance (Rp ) measurements conducted at a scan rate of 0.167 mV/s
with vertices ± 5 mV vs. ECorr . All samples underwent cathodic cleaning prior to each experiment as described in Section 2.1.2.

4.2.4

Analytical Procedures

Scanning electron microscope (SEM) images were collected using a Hitachi SU3500 Variable Pressure SEM. The electron beam was accelerated between 15 kV and 25 kV at a working
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distance of 10 mm and rastered across the sample surface to collect high-resolution images.
X-ray photoelectron spectroscopic (XPS) analyses were performed using a Kratos AXIS
Ultra Spectrometer with a monochromatic Al Kα (15 mA, 14 kV) radiation source (hν = 1486.6
eV). The instrument work function was calibrated against the Au 4f7/2 metallic Au binding
energy, 83.95 eV, and when necessary, the C-C peak of the C 1s sprectrum was set to 284.8
eV to correct for charging. Survey spectra were collected over the binding energy range 0 eV
to 1100 eV. High resolution spectra were recorded for Cu 2p (929.5 eV to 953.5 eV), O 1s
(527.5 eV to 543.5 eV), C 1s (281.5 eV to 298.5 eV) and the Auger Cu LMM peak (563.5 eV
to 583.5 eV). All spectra were subsequently analyzed using CasaXPS R software as described
elsewhere [13] with a standard Shirley background correction.

4.3
4.3.1

Results and Discussion
The Influence of Nitrate and pH

Measurements of ECorr and Rp were performed to monitor the evolution over 14 days of
corrosion on a Cu electrode in various aerated HNO3 solutions ranging in concentration from
10 mM to 150 mM, Figure 4.1. Despite the change in [HNO3 ], neither ECorr nor Rp changed
significantly (after an initial period of ∼ 0.5 d), suggesting that neither [NO−3 ] nor [H+ ] affected
the corrosion rate. The initial slight change in ECorr was most likely due to the re-establishment
of the open circuit condition following the cathodic cleaning process. After ∼ 1 day, ECorr
stabilized and increased only very slightly (≤ 1 mV) for the remainder of the experiment. By
contrast, Rp exhibited a slow decrease beyond the initial stabilization period. This suggested
that the rate of the cathodic reaction increased slightly over the entire experiment. The short
term changes in ECorr and Rp most likely reflect the roughening of the Cu surface resulting in
a slightly increased surface area to support the cathodic reaction. The slow increase in rate
over the period 2 to 14 days could reflect a slow increase in the rate due to activation of NO−3
reduction attributable to the slow accumulation of dissolved Cu+ species [8–10].
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Figure 4.1: ECorr and Rp measurements in aerated HNO3 solutions.

To confirm that neither [NO−3 ] nor [H+ ] affect the corrosion rate under aerated conditions,
a second set of experiments was carried out with the [NO−3 ] kept constant at 150 mM while the
[H+ ] was changed, Figure 4.2. A comparison between the two data sets shows no significant
difference, confirming that the overall corrosion rate is zero order with respect to both [NO−3 ]
and [H+ ].

4.3.2

The Influence of Oxygen

4.3.2.1

General Corrosion Behaviour

ECorr and Rp values were measured on a Cu electrode immersed in either aerated, Arsparged, or anoxic solutions containing 100 mM HNO3 , Figure 4.3. The initial ECorr values
in the solutions were very similar, ∼ 70 mV (vs SCE), but decreased rapidly to ∼ -40 mV (vs
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Figure 4.2: ECorr and Rp measurements in aerated HNO3 solutions with constant [NO−3 ]=150
mM.

SCE). As observed in Figure 4.1, in the aerated solution, ECorr increased only slightly over the 7
day exposure period accompanied by a slight decrease in Rp (increase in corrosion rate). In the
Ar-sparged solution, when only a residual [O2 ] would be present (≤ 10−6 M), ECorr decreased
to an approximate steady-state value after 1 day, during which positive-going ECorr transients
were observed. During the same time, Rp increased to an approximate steady-state value, ∼ 102
times greater than that achieved under aerated conditions, confirming a major drop in corrosion rate when O2 was limited. In anoxic solutions, when [O2 ] would be ≤ 10−9 M, ECorr was
approximately the same as in the aerated solution before decreasing slowly to a value less than
that observed in Ar-sparged conditions. This decrease was accompanied by an increase in Rp
to a value ∼ 3× that observed under Ar-sparged conditions. This measurable difference in Rp
values between Ar-sparged and anoxic conditions indicate that the corrosion process is very
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Figure 4.3: ECorr and Rp measurements in 100 mM HNO3 solutions under aerated, Ar-sparged,
and anoxic conditions.

sensitive to small [O2 ]. As observed in Ar-sparged conditions, a series of positive-going ECorr
transients were observed over the first 2.5 to 3 days of exposure.
Unlike the other two specimens, the electrode used in the anoxic experiment inside the
glove box was not subjected to cathodic cleaning. Consequently, the observed decrease in
ECorr can be attributed to the chemical dissolution of an air-formed oxide present at the start of
the experiment. Introspective of these uncertainties in the short term behaviour, the long term
increase in Rp accompanied by a low ECorr value confirms the corrosion rate is extremely low
in the absence of O2 .
Sections of the ECorr curves recorded between 1.1 and 1.4 days are shown in Figure 4.4.
While no transients are observed in aerated conditions when the corrosion rate was high,
metastable pitting transients were observed at the two low [O2 ], with the frequency and am-

Chapter 4. The Kinetics of Copper Corrosion in Nitric Acid

113

Figure 4.4: ECorr and Rp measurements for time 1.1 to 1.4 days in 100 mM HNO3 solutions
under aerated, Ar-sparged, and anoxic conditions.

plitude being most marked under Ar-sparged conditions. Although the trends do not correlate
directly with [O2 ] these transients suggest that when small to negligible [O2 ] are present the Cu
surface tends to passivate, as noted previously [8]. The disappearance of transients (beyond 2.5
to 3.0 days) suggests a passivating role for NO−3 either by chemisorption or oxide formation
as previously discussed in Chapter 3 [8]. It is likely that at low [O2 ] these transients reflect
a competition between the passivating influence of NO−3 and the activating influence of O2 .
The numerous transients observed when small [O2 ] are present (Ar-sparged conditions) could
then be attributed to temporary support of corrosion at film breakdown sites by O2 reduction.
This would initially stimulate localized corrosion but the rapid local depletion of O2 would
subsequently allow NO−3 to repassivate the breakdown site. The decreased transient frequency
under anoxic conditions could be related to the air formed oxide present on this electrode and
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its subsequent dissolution, or to the decreased [O2 ] resulting in fewer film breakdown events.
However, currently available data cannot determine the relative contributions of these influences.

4.3.2.2

SEM and XPS Analyses

SEM images of the electrode surface after 7 days of exposure in aerated HNO3 , Figures
4.5(a) and 4.5(b), demonstrate extensive crystallographic etching, the extent of which depends
on the grain orientation. The absence of any original polishing lines confirms active corrosion
was occurring, as indicated by the low Rp values and the absence of transients in ECorr , Figure
4.3.
Figures 4.5(c) and 4.5(d) show, as expected considering the large Rp values (Figure 4.3),
that only minor corrosion occurred since the original polishing lines remain clearly visible.
The corrosion damage is located in a high density of small pits consistent with the frequent occurrence of metastable film breakdown events. Closer examination of the dark patches visible
in Figure 4.5(c) shows these areas are not observably more corroded than other areas of the
surface.
SEM micrographs of the corroded surface after exposure under anoxic conditions, Figure
4.5(e) and 4.5(f), exhibit a patchy deposit on the electrode surface. Some of the original grinding lines can still be observed, however, they are significantly less pronounced in comparison
to the Ar-sparged case. Considering the lack of cathodic cleaning and the constantly decreasing
ECorr observed for this sample in Figure 4.3, this deposit is most likely a restructured oxide resulting from the chemical dissolution of CuO as Cu2+ which could subsequently react with Cu
to produce Cu2 O. Thus, this morphology may not accurately represent the damage to a clean
surface. The large, but infrequent, crystals present on this surface are NaCl crystals deposited
during the incomplete washing and drying of the electrode prior to transfer to the microscope.
These crystals could have also come from handling of the electrodes using the gloves attached
to the anaerobic chamber.
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Figure 4.5: SEM micrographs of Cu coupons after immersion in 100 mM HNO3 for 7 days
under aerated ([a] and [b]), Ar-sparged ([c] and [d]) and anoxic ([e] and [f]) atmospheres.
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These results clearly demonstrate that when O2 is present, blockage of the Cu surface by
either chemisorbed NO−3 or oxide formation due to oxidation by NO−3 does not occur. This is
consistent with published data [14, 15] which shows O2 is capable of inducing Cu corrosion
even when present only in very small quantities. In aerated HNO3 , when the [O2 ] is high,
Cu can be rapidly dissolved as Cu2+ [16, 17]. In Ar-sparged and anoxic conditions, corrosion
is inhibited despite the ability of NO−3 to act as an oxidant, consistent with literature claims
that NO−3 reduction is blocked on Cu surfaces [9, 16]. A number of studies have shown that,
depending on the Cu crystal plane, NO−3 reduction is either completely blocked or proceeds
very slowly [18, 19]. Based on in-situ electrochemical-scanning tunneling microscopy and enhanced Raman spectroscopy studies, this was attributed to either the chemisorption of NO−3 or
to the formation of Cu2 O by the extraction of an O atom from adsorbed NO−3 [18]. The formation of these potentially passivating layers is consistent with the observation of ECorr transients
indicating metastable breakdown events on a generally unreactive surface. The positive-going
nature of these transients would be consistent with a sudden increase in the rate of the cathodic reaction at a local breakdown site followed rapidly by repair of the location by either
the re-adsorption of NO−3 or the reformation of Cu2 O.
XPS analyses of the corroded samples exposed to aerated and Ar-sparged 100 mM HNO3
were performed. Each spectra was fitted and analyzed using the methods developed by Biesinger
et al. [13, 20, 21]. Biesinger et al. outlines a method in which the contributions of Cu(0) +
Cu(I) and Cu(II) can be separated in a Cu 2p spectrum using a standard ratio determined by
performing analysis on a standard mixture of Cu(0) + Cu(I) and Cu(II). This ratio is then used
to support the fitting of the Cu LMM spectrum [13]. Based on the survey spectra, the two samples exhibited significantly different surface compositions, with the most notable difference
being the presence of N on the sample exposed under Ar-sparged conditions, Table 4.1.
The Cu 2p and Cu LMM high resolution spectra were used to determine the chemical states
of Cu on the electrode surfaces. The electrode corroded under aerated conditions exhibited a
film primarily composed of Cu(0) and Cu(I) species, Figure 4.6. The Cu 2p spectrum, Figure
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(a)

(b)

Figure 4.6: Cu 2p (a) and Cu LMM (b) high resolution spectra recorded on a Cu specimen
immersed in aerated 100 mM HNO3 for 7 days.
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Table 4.1: Electrode surface coverage following corrosion in aerated and Ar-sparged 100 mM
HNO3 as determined by XPS. Traces of Hg and Pd from the reference and counter electrodes
were also detected.
Element/Transition
Cu 2p 3/2
O 1s
N 1s
C 1s
Si 2s

Aerated (At%)
7.5
25.8
N/A
57.7
8.7

Ar-Sparged (At%)
4.9
22.8
1.7
65.3
4.7

4.6(a), was analyzed based on the calculations outlined by Biesinger et al. [13] to determine
the ratios of Cu(0) and Cu(I) to Cu(II) based on the areas of peaks (A) and (B). This calculation
considers that the main emission line (A) contains contributions from both Cu oxidation states,
Cu(I)/Cu(II), but the intensity of the shake-up satellite peak (B) contains a contribution from
Cu(II) only. This analysis shows that the majority of Cu on the surface is in either the Cu(0)
or Cu(I) state, with Cu(II) present in only minor amounts (∼ 14%). This is confirmed by the
Cu LMM spectrum, Figure 4.6(b), which indicates that Cu2 O dominates the surface, ∼ 89.5%,
while Cu(II) is present as a hydroxide, Cu(OH)2 , ∼ 9%. The presence of Cu2 O can not necessarily be related to the corrosion process as Cu2 O is a common air formed oxide [22]. The electrode corroded under Ar-sparged conditions demonstrated a more even distribution of each Cu
oxidation state, Figure 4.7. The Cu 2p spectrum shows Cu(II) species are present in significant
amounts, ∼ 40%, in contrast to the ∼ 14% observed in the aerated case. The Cu LMM analysis
supported this, indicating that the majority of the Cu(II) species were associated with NO−3 ,
with only minor amounts of CuO and Cu(OH)2 . The reported atomic percentages from the Cu
LMM spectra may be only approximate since the fit assumed the presence of Cu(NO3 )2 · 3H2 O
while multiple Cu nitrates may be formed [13], including rouaite (Cu2 NO3 (OH)3 ) as reported
in Chapter 3 [8].
While not definitive, these differences in surface composition are instructive when determining the different processes occurring under the two conditions. Under aerated conditions,
the electrochemical and SEM analysis demonstrated that rapid dissolution occurred, however,
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(a)

(b)

Figure 4.7: Cu 2p (a) and Cu LMM (b) high resolution spectra recorded on a Cu specimen
immersed in Ar-sparged 100 mM HNO3 for 7 days.
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Cu(II) species were relatively sparse on the electrode surface and only present as small amounts
of Cu(OH)2 . Under acidic conditions, these hydroxide species should be very soluble, allowing
for continuous active corrosion as seen in previous studies [22]. In the Ar-sparged experiment,
when only traces of O2 are present, the small amounts of Cu+ formed appear to be rapidly oxidized by NO−3 and collected on the Cu surface as Cu(II)-NO−3 solids. This observation supports
claims made by Bae et al. that the adsorption of NO−3 onto a Cu surface is capable of both oxidizing the surface while simultaneously blocking it [18]. These observations support previous
claims, including those in Chapter 3, that NO−3 reduction will freely occur in the presence of
O2 when Cu+ can be formed but will not react by itself [8–10].
4.3.2.3

Effect of Changing Environments

The influence of Cu+ on the activation of NO−3 as an oxidant was investigated in experiments
in which the solution was switched in mid experiment between Ar-sparging and aerated, and
vice-versa, Figures 4.8(a) and 4.8(b), respectively. When the sample was initially exposed to
an Ar-sparged environment, Figure 4.8(a), the behaviour observed before adding O2 closely
reproduced the results plotted in Figure 4.3, ECorr achieving a steady-state value of ∼ 0.10 V
with an Rp value > 105 Ω.cm2 . This steady-state Rp value was approximately one order of
magnitude greater than that plotted in Figure 4.3 which could reflect both the sensitivity of Rp
to low [O2 ] and the variability of the sparging process. As observed before, a series of ECorr
transients, which disappear after ∼ 2 days, were observed. This is consistent with the instability
of the surface due to competition between NO−3 which promotes passivity and corrosion due to
the action of trace O2 .
When Ar-sparging was stopped and atmospheric O2 diffused into the solution, ECorr increased to a steady-state value of ∼ 0 V accompanied by a marked decrease in Rp to ∼ 200
Ω.cm2 , consistent with the values observed in the experiment shown in Figure 4.3. The transition between steady state values required > 1 day due to the combined effects of slow diffusion
of O2 into the solution and the gradual removal or dissolution of an inhibiting oxide or Cu-NO−3
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(a)

(b)

Figure 4.8: ECorr and Rp measurements recorded during the transition from an Ar-sparged to
aerated environment (a) and aerated to Ar-sparged environment (b) in 100 mM HNO3 .
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formed under Ar-sparged conditions. The chemical and oxidative dissolution of the species
identified on the Cu surface using XPS would proceed via the following reactions [22, 23],
CuO + 2H+ −→ Cu2+ + H2 O

(4.4)

2Cu2 O + O2 + 8H+ + −→ 4Cu2+ + 4H2 O

(4.5)

Cu2 NO3 (OH)3 −→ 2Cu2+ + NO−3 + 3OH−

(4.6)

When the Cu was initially exposed to aerated conditions and then switched to Ar-sparging,
Figure 4.8(b), the changes in ECorr and Rp were considerably less marked. The aerated ECorr
increased and Rp decreased over the full 3 day exposure period. Since any air-formed oxides
were electrochemically reduced prior to the experiment, these evolutions in ECorr and Rp are
unlikely to be influenced by such a feature beyond ∼ 0.5 days. This indicates that the decrease
in Rp and increase in ECorr can be attributed to an acceleration in the cathodic kinetics despite
the constant [O2 ] over the exposure period. This would be consistent with a catalytic influence
of Cu+ in activating NO−3 as an oxidant as proposed previously [8–10]. This claim is further
supported by the behaviour on subsequently switching to Ar-sparged conditions. The low ECorr
and very high Rp values shown for Ar-sparged conditions in Figure 4.3 are not reproduced in
this case. ECorr decreases to only -50 mV and Rp increases to only ∼ 104 Ω.cm2 in contrast to the
-0.10 V and 2 × 105 Ω.cm2 previously observed. Thus, the enhanced corrosion rate established
under aerated conditions is sustained despite the removal of O2 . This would be consistent with
our claim that NO−3 is activated as a cathodic reagent by the presence of Cu+ , with corrosion
proceeding via the reaction sequence,
NO−3 + 2H+ + 2e− −→ NO−2 + H2 O

(4.7)

2Cu+ −→ 2Cu2+ + 2e−

(4.8)
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with Cu2+ subsequently reacting with exposed Cu,
2Cu2+ + 2Cu −→ 4Cu+

(4.9)

NO−3 + 2H+ + 2Cu −→ NO−2 + H2 O + 2Cu+

(4.10)

to yield the overall reaction [9, 16],

In the large solution volume employed in these experiments the availability of exposed Cu
required to maintain this reaction is expected. This is in contrast to the previous study in a
small solution volume when the deposition of corrosion products was observed to suppress the
corrosion process (Chapter 3) [8].

4.3.3

Oxygen Reduction Reaction

4.3.3.1

Kinetics of Oxygen Reduction

Figure 4.9 shows the evolution of ECorr with time for the 11 tested O2 /Ar mixtures. Since all
electrodes were cathodically cleaned prior to the experiment, the influence of any air-formed
oxide is likely to be short term and negligible beyond a few hours. Except for the electrode
exposed to an Ar-sparged solution (0% O2 sparged), which reproduces the behaviour shown
for similar exposure conditions (Figure 4.3), ECorr rises for all [O2 ] eventually achieving, or at
lower [O2 ] approaching, a steady-state value. These changes are accompanied by decreases in
Rp as [O2 ] is increased, Figure 4.10. This combination of an increase in ECorr accompanied by
an increase in corrosion rate (∝ R−1
p ) confirms that the kinetics of the O2 reduction reaction are
the dominant influence on the overall corrosion kinetics. As observed in Figures 4.1 and 4.2,
Rp decreases as ECorr increases over the exposure period up to 1.5 days with the rate of change
in Rp being directly related to the change in ECorr , as demonstrated in Figure 4.11 for the 10%
O2 case. Although not shown, similar linear relationships are observed for all [O2 ]. In general,
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Figure 4.9: ECorr measurements for 100 mM HNO3 solutions sparged with various O2 percentages by volume.

the early changes in ECorr and Rp are accelerated as [O2 ] increases.
Two possible explanations exist for this acceleration: (i) the catalytic activation of the NO−3
reduction reaction (discussed above) which would accelerate as the surface concentration of
Cu+ increased with increasing [O2 ], or (ii) catalysis of the O2 reduction reaction itself by the
formation of donor-acceptor (Cu/Cu+ ) sites on the Cu surface, as demonstrated to occur under
more neutral conditions by King et al. [24]. Since the creation of a steady-state surface coverage by Cu+ would not be expected to take up to 1.5 days, the activation of the NO−3 reaction
by soluble Cu+ is the most likely cause of the increase in rate. The eventual establishment of a
steady-state corrosion rate would then be controlled by the rates of the O2 and NO−3 reduction
reactions, with the rate of the latter reaction regulated by the achievement of a steady-state Cu+
concentration. This steady-state would be achieved by a balance between the rate of forma-
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Figure 4.10: Rp measurements for 100 mM HNO3 solutions sparged with various O2 percentages by volume.

tion of Cu+ as a corrosion product due to O2 reduction and its rate of consumption by NO−3
reduction and by further oxidation to Cu2+ by reaction with O2 , Reaction 4.11.
4Cu+ + O2 + 4H+ −→ 4Cu2+ + 2H2 O

(4.11)

Figure 4.12 shows the steady-state Rp values as a function of the O2 vol% of the purge gas.
A comparison is drawn between these Rp values and those previously collected under aerated,
Ar-sparged, and anoxic conditions (from Figure 4.3). Under atmospheric conditions, the O2
vol% is expected to be ∼ 21% [25, 26], suggesting that the final Rp value should lie between
the values collected for 15 and 25 O2 vol% sparged conditions. The data presented in Figure
4.12 shows this is the case, confirming that rates extracted from this data are in agreement with
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Figure 4.11: ECorr vs. Rp measurements for 100 mM HNO3 solutions sparged with 10% O2 by
volume.

changing [O2 ] under stagnant atmospheric conditions. Figure 4.13, a plot of log R−1
p vs [O2 ],
shows that the reaction is first order with respect to [O2 ]. This would be expected if O2 was the
dominant cathodic reaction since, while the overall 4 electron (e− ) transfer reaction, Reaction
4.12
O2 + 4H+ + 4e− −→ 2H2 O

(4.12)

involves multiple reaction steps and can proceed through a number of pathways [27, 28], the
rate-determining step is commonly the first e− transfer step [24, 27–31] with the reaction being
first order with respect to [O2 ].
Figure 4.14 shows a plot of log R−1
p vs ECorr is linear with a slope of 37.1 ± 4.7 mV/decade.
Since the cathodic reaction is dominant in determining the corrosion kinetics, this slope reflects
an extreme dependence which would be consistent with a catalyzed overall reaction. Since the
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Figure 4.12: Final Rp values recorded as a function of O2 vol%. Final Rp values from experiments in aerated, Ar-sparged, and anoxic 100 mM HNO3 are plotted as horizontal lines and
used as reference values.

cathodic process involves two reactions, this large dependence reflects the catalytic nature of
the overall process but cannot distinguish between contributions from individual reactions.

4.3.3.2

Surface Damage as a Function of Oxygen Concentration

Figure 4.15 shows SEM images of Cu surfaces following corrosion in 100 mM HNO3
sparged with Ar containing various O2 contents; 100% O2 vol%, Figures 4.15(a) and 4.15(b);
50% O2 vol%, Figures 4.15(c) and 4.15(d); 25% O2 vol%, Figures 4.15(e) and 4.15(f); and 3%
O2 vol%, Figures 4.15(g) and 4.15(h). As expected from the electrochemical measurements,
the degree of corrosion damage decreased with decreasing O2 vol%. When sparged with 100%
O2 vol%, significant damage resulted uniformly across the electrode surface. Striations can
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Figure 4.13: The relationship between the pseudo corrosion rate, R−1
p , and dissolved [O2 ].

be observed on the electrode surface, with the extent, direction, and frequency of striations
and extent of damage dependent on the crystallographic orientation of the corroded grain. As
the [O2 ] was decreased, the extent of preferential etching decreased, with the grain boundaries
becoming more visible owing to the better defined differences in corrosion morphology on different grains. For the electrode corroded in the solution containing 25% O2 vol%, the extent
of corrosion damage was significantly reduced with some grains sustaining only minimal corrosion. After exposure at 3% O2 vol%, the corrosion damage is generally distributed across
the entire electrode surface. While roughening of the surface is observed, the original grinding
lines are still visible, Figure 4.15(g).
Variations in the distribution of corrosion damage can be attributed to the strong adsorption
energy of NO−3 on Cu. Bae et al. [18] investigated the adsorption of NO−3 on a Cu {100}
surface, but the corrosion behaviour was only briefly examined. Significantly less corrosion

Chapter 4. The Kinetics of Copper Corrosion in Nitric Acid

129

Figure 4.14: The relationship between the pseudo corrosion rate, R−1
p , and the steady-state
ECorr .

damage was observed on the Cu {100} surface in comparison to on the Cu {111} or Cu {poly}
surfaces [18]. Similar effects were observed on Cu2 O by Hua et al. [32], with the crystal plane
stability following a similar pattern, {100} >> {111} > {110} [32]. The different adsorption
energies provide different levels of protection for the various Cu grains. At high [O2 ], O2 is
capable of oxidizing the Cu surface to produce Cu+ , which will subsequently activate the NO−3
reduction process, as previously discussed in Chapter 3. The similarity in damage profiles
when the [O2 ] is high indicates that the differences in NO−3 adsorption energy with respect to
crystallographic orientation has only a minimal effect when a significant [Cu+ ] is available.
At intermediate [O2 ], preferential etching dominates the corrosion morphology. This suggests
that the adsorption energy of NO−3 may dictate which grains are more susceptible to corrosion,
and later the Cu+ catalyzed NO−3 reduction. Based on the adsorption energies reported in the
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Figure 4.15: SEM micrographs of Cu coupons after 3 days immersion in 100 mM HNO3
sparged with 100% O2 vol% ([a] and [b]); 50% O2 vol% ([c] and [d]); 25% O2 vol% ([e] and
[f]); and 3% O2 vol% ([g] and [h]).
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literature [18, 32], Cu {100} grains would undergo the least corrosion while {111} and {110}
would corrode more readily. As the [O2 ] decreases, O2 becomes less able to displace NO−3
from surface adsorption sites, thereby preventing the production of the Cu+ required to activate
NO−3 reduction. Under these conditions NO−3 partially protects the Cu surface leading to a loss
of preferential grain etching and a more general distribution of corrosion damage.

4.3.4

Summary and Conclusions

Figure 4.16 attempts to summarize the influence of dissolved O2 on the overall corrosion
process.

Figure 4.16: A schematic illustrating the mechanistic processes determined to occur on Cu in
HNO3 .

• In the absence of O2 , corrosion is blocked by the chemisorption of NO−3 (NO−3(ads) ) on the
Cu surface, although it is possible that this leads to the oxidation of the Cu surface to Cu2 O.
• When O2 is present it can compete with NO−3 for surface adsorption sites (Reaction 1).
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• Subsequently, O2(ads) can oxidize the surface to Cu+(ads) (Reaction 2) which can either act
as a catalyst to accelerate O2 reduction (not shown) or be released to the acidic solution as Cu+
(Reaction 3). Further oxidation of Cu+(ads) and release as Cu2+ is also possible (not shown).
• Cu+ can then reduce NO−3(ads) to NO−2(ads) (Reaction 4) while being oxidized to Cu2+ (Reaction 5) with NO−2 being released to solution (Reaction 6) and diffusing away from the Cu
surface.
• It is possible that NO−2 could also act as an oxidant to enhance Cu corrosion, but this study
has not investigated that possibility.
• It is also possible that Cu+(ads) could reduce NO−3(ads) but available literature offers convincing argument that soluble Cu+ is the reductant.
• The formation of Cu2+ in close proximity to the Cu surface then initiates the catalytic
cycle by further oxidizing Cu to Cu+ (Reaction 7).
• This catalytic cycle can also be promoted by the homogeneous formation of Cu2+ by
reaction of Cu+ with O2 (Reaction 8).
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Chapter 5
Nitrite Effects on Copper Corrosion in
Nitric Acid Solutions

5.1

Introduction

In chapters 3 and 4 the influence of the two key oxidants, O2 and HNO3 , available to drive
waste container corrosion during the early warm humid period in a deep geological repository
(DGR), was determined. These studies demonstrated that in the absence of O2 , NO−3 did not
cause significant corrosion damage to the Cu irrespective of the Cu surface area to solution
volume (SA/V) ratio for [NO−3 ] within the range of 0.010 to 0.150 M [1]. This was attributed
to either the blockage of the surface by adsorbed NO−3 or the formation of a thin passivating
oxide/Cu nitrate layer, as demonstrated in Section 4.3.2.1. The minimal damage observed was
attributed to an early period of metastable pitting. When O2 was added, corrosion accelerated
with corrosion damage accumulating at different rates on the different crystal planes exposed
on the Cu surface. In large volumes of solution, corrosion damage was extensive and shown
to be controlled in rate and extent by the kinetics of the O2 reduction reaction, Section 4.3.3.
In small volumes of solution, pH measurements suggested the presence of NO−2 in solution
when corrosion occurred in the aerated solutions [1]. This suggests the activation of NO−3 as a
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cathodic reagent via the reaction, Reaction 5.1 [2, 3].
NO−3 + 2H+ + 2e− −→NO−2 + H2 O

(5.1)

Subsequently, due to the rapid saturation of the small volume of solution with dissolved Cu+ /Cu2+ ,
corrosion was blocked by the deposition of Cu2 O, CuO, and Cu2 NO3 (OH)3 [1].
This, and the acceleration of the corrosion process with time (Section 4.3.3.1), indicated a
catalytic role for Cu+ , produced as a consequence of corrosion driven by O2 , in activating NO−3
reduction, a claim consistent with published literature [4, 5]. The reduction of NO−3 to NO−2 is
only the first step in an overall reduction process which has been shown to proceed by multiple
pathways, Figure 5.1 [3, 6–9], with the overall reduction process to NH+4 involving 8 electrons

Figure 5.1: Schematic illustrating the various NO−3 reduction pathways [6].

and 10 H+ , Reaction 5.2 [3, 7–9].
NO−3 + 10H+ + 8e− −→NH+4 + 3H2 O

(5.2)

This raises the question of whether NO−3 , activated by reaction with Cu+ leads to the corrosion
of Cu and whether or not the NO−2 product of NO−3 reduction would subsequently also support
corrosion. When present, the [NO−2 ] will be very low, and HNO2 will be the primary species
present because of the low solution pH environment established by HNO3 . A concern with
regards to corrosion by NO−2 is the possibility of stress corrosion cracking (SCC). However,
both the low [NO−2 ] and low pH will make SCC impossible [10–14].
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Under acidic conditions, NO−2 is also potentially a strong oxidant and has been shown to
react rapidly to form gaseous NO under acidic conditions, Reaction 5.3 [2].
NO−2 + H+ + e− −→NO + OH−

(5.3)

NO−2 however, will also be consumed by decomposition processes due to its general instability
in acidic solutions, Reactions 5.4 and 5.5.
2HNO2 −→NO + NO2 + H2 O

(5.4)

3HNO2 −→H+ + 2NO + NO−3 + H2 O

(5.5)

This results in a complex interaction sequence where NO−2 is slowly produced by NO−3 reduction but then can induce further corrosion or undergo decomposition, subsequently regenerating
small amounts of NO−3 [15–17].
In addition, any NO−2 reduction process will be affected by competitive adsorption with
NO−3 or other anions present in solution. Both anions commonly adsorb strongly on metallic
surfaces, making them suitable inhibitors on many metals [18–20]. Bae et al. investigated
the adsorption of both NO−2 and NO−3 on Cu using density functional theory, and reported
adsorption energies of -1.964 eV and -2.582 eV, respectively [21]. This suggests that NO−3 may
out-compete NO−2 for surface adsorption sites unless a significant [NO−2 ] is present.
To date, most studies of NO−3 /NO−2 reduction have been electrochemical. This study focuses
on elucidating the effects of NO−2 on the corrosion of Cu in acidic conditions. Specific focus
is given to the effects of the [NO−2 ] to [NO−3 ] ratio on the corrosion rate. Both electrochemical
and corrosion studies were performed to investigate these effects.
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Experimental
Materials

All electrodes were cut from O-free, P-doped Cu supplied by Svensk Kärnbränslehantering
AB (SKB), Solna, Sweden, as described in Section 4.2.1. Electrodes used for rotating disc
electrode (RDE) experiments were fabricated as 1 cm diameter cylinders with a steel dowel
attached using a threaded hole. The electrode was then mounted in a polytetrafluoroethylene (PTFE) sheath using Epofix epoxy and attached to a Pine Instrument Company Analytical
Rotator Model AFA86 Serial 882 following surface preparation. Stationary electrode experiments were performed on 1×1×1 cm Cu cubes. These cubes were attached to a steel dowel via
a threaded hole. The steel rod was insulated using PTFE shrink tubing and the Cu was insulated
using epofix epoxy, leaving only one surface exposed. Experiments performed in the microcell
configuration were performed using a long, 1 cm diameter Cu cylinder with a 0.5 cm diameter
× 0.5 cm long cylindrical extension on the bottom of the electrode. The exposed circular face
of the electrode underwent surface preparation before the rounded face was wrapped in PTFE
tape then PTFE heat shrink tubing was attached in order to form a small enclosure around the
prepared surface. A schematic of the microcell set-up is included in Chapter 2 (Figure 2.2).
Surface preparation included grinding and cleaning of the electrode surface. Grinding was
performed using various Si-C papers ranging between P120 and P2400 grit. Subsequently, the
electrodes were immersed in ethanol in an ultrasonic bath for one minute followed by brief
immersion in ultrasonicated water. The samples were then dried using a high velocity Ar
stream.

5.2.2

Solutions

All solutions were prepared using Type 1 water from a Barnstead Nanopure (Thermoscientific) water purification system set to yield a resistivity of 18.2 MΩ.cm. All HNO3 solutions
were prepared by adding specific volumes of stock HNO3 to Type 1 water. HCl solutions were
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prepared similarly using a stock solution of HCl. NaNO2 was added to most solutions as a
solid and dissolved prior to running the experiment. All chemicals were supplied by Caledon.
For experiments in which [NO−2 ] was increased in stages, a stock solution of 4 M NaNO2 was
prepared and appropriate aliquots of this solution added to the experiment underway to establish the appropriate concentration. Aerated solutions were left open to the atmosphere, while
deaerated solutions were sealed and sparged with ultrapure Ar for at least 20 minutes prior to
an experiment with sparging maintained for the duration of the experiment.

5.2.3

Experimental Procedure

RDE experiments were performed in a three compartment cell with an electrode measuring
0.785 cm2 and a SA/V ratio of 0.001 cm−1 , Figure 5.2(a). Stationary electrode experiments
were performed in a single compartment cell with an electrode measuring 1.0 cm2 and a SA/V
ratio of 0.002 cm−1 , Figure 5.2(b). Experiments involving the addition of solution aliquots were
performed in the single compartment cell with an electrode measuring 1.0 cm2 and a SA/V
ratio of 0.003 cm−1 . All electrochemical measurements were performed using a three electrode
arrangment, with a Pt foil counter electrode and a saturated calomel reference electrode (SCE)
(0.241 V vs. standard hydrogen electrode (SHE)) [22]. For stationary electrode experiments,
the potential was controlled using a Solartron 1480 MultiStat in conjunction with CorrWare
(V.3.4d) software (Scribner Associates) to control the instrumentation and record data. All
other electrochemical experiments were performed using a three-terminal Solartron Modulab
XM ECS Electrochemical System to control potential and XM Studios Software (AMETEK
Scientific Instruments) to control the instrument and record data. Potentiodynamic polarization
(PDP) scans were performed between -1.3 V and -0.1 V vs SCE at a scan rate of 5 mV/s.
All samples used in electrochemical experiments underwent cathodic cleaning as described in
Section 2.1.2. All electrochemical measurements were performed in a grounded Faraday cage
to avoid electrical interference from external sources.
Microcell experiments were with an electrode measuring 0.785 cm2 and a SA/V ratio of
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(a)

(b)

Figure 5.2: Schematics of the three compartment (a) and single compartment (b) electrochemical cells.
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0.524 cm−1 under atmospheric conditions on the benchtop. pH measurements were performed
using an Orion 9110DJWP Double Junction pH Electrode. Following the completion of each
experiment, the cells were dismantled and the surface was rinsed using Type-1 water and dried
using a high velocity stream of Ar.

5.2.4

Analytical Procedures

Scanning electron microscope (SEM) images were obtained using a Hitachi SU3500 Variable Pressure SEM at a working distance of 10 mm and an accelerating voltage between 15 and
25 kV. Optical and confocal laser scanning microscopy (CLSM) images were collected using
a Zeiss LSM800 for Materials/Zeiss Axio Imager.Z2m upright compound microscope.

5.3
5.3.1

Results and Discussion
Electrochemical Measurements

PDP measurements were performed to determine the potential regions in which each oxidant, NO−3 , NO−2 , and O2 , was reduced on Cu. Figure 5.3 shows the PDP scan performed
in Ar-sparged and aerated solutions. In the Ar-sparged solution, the current increase can be
attributed to the reduction of H+ to H2 gas. In the aerated solution, the additional reduction
current shows that O2 reduction commences at a potential of ∼ -0.35 V vs. SCE. The partially resolved current plateau between ∼ -0.7 V and ∼ -0.8 V vs. SCE can be attributed to
the achievement of the transport controlled limit for a solution containing [O2 ] = 2.73 × 10−3
M [23]. This onset potential for O2 reduction is consistent with published values [24–27]. At
potentials more positive than the onset potential, anion adsorption, in this case the Cl− added
as a supporting electrolyte, prevents O2 adsorption, the first step in the overall O2 reduction
reaction. The onset potential for O2 reduction was observed to coincide with the potential at
which anion desorption was observed [26]. Although it is not a key feature in this study, it is
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Figure 5.3: PDP scans recorded on an RDE rotating at 33.33 Hz in solutions containing 0.01
M H+ and 0.1 M Cl− under aerated and Ar-sparged conditions.

worth noting that the kinetics of O2 reduction on Cu varies based on the crystal plane orientation since anion desorption varies from plane to plane, with the variation depending on the
point of zero charge for specific planes [25, 28].
The potential regions in which NO−3 and NO−2 were reduced was determined in the absence
of O2 , Figure 5.4. When only NO−3 is present the current did not increase until E ≤ -0.6 V
vs. SCE. This is a considerably lower potential than observed for O2 reduction suggesting the
onset of the reduction of NO−3 is not controlled by the desorption of adsorbed Cl− . A possibility
is that the reduction of an existing oxide is required. This would be consistent with the results
of Bae et al. [29] who showed, using electrochemical-scanning tunneling microscopy, that
NO−3 was either strongly adsorbed on Cu or caused Cu2 O formation. This would suggest NO−3
displaces adsorbed Cl− over the potential range prior to the current increase, at least at these
concentrations.
Once current for NO−3 reduction is observed, it increases without exhibiting any current
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Figure 5.4: PDP scans recorded on an RDE rotating at 33.33 Hz in Ar-sparged solutions containing 0.01 M H+ and 0.1 M Cl− with additions of NO−2 and/or NO−3 .

plateau or distinct region for NO−3 reduction. By contrast, when only NO−2 is present the onset
for its reduction occurs for E ≤ -0.35 V vs. SCE, consistent with previously published studies
[5, 29]. This suggests that NO−2 , like O2 , is not as strongly adsorbed as Cl− but readily reduced
once Cl− desorbs. The subsequent increase in NO−2 reduction current is shallow (i.e. not
particularly potential-dependent) eventually approaching a plateau between ∼ -1.0 V vs. SCE
and -1.2 V vs. SCE. The linear rise in current suggests electron transfer leading to NO−2
reduction is impeded by the presence of surface species with one possibility being the first
product of NO−2 reduction, NO(ads) , Reaction 5.6.
NO−2(ads) + 2H+ + e− −→NO(ads) + H2 O

(5.6)

Another possible cause of a shallow current-potential relationship is that NO−2 reduction pro-
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ceeds via a two step process involving chemical oxidation of the surface, Reaction 5.7,
NO−2 + 2H+ + Cu−→Cu+(sur) + NO(ads) + H2 O

(5.7)

followed by its electrochemical reduction, Reaction 5.8,
Cu+(sur) + e− −→Cu

(5.8)

where Cu+(sur) indicates an oxidized Cu state on the surface. Such mechanisms have been reported for O2 reduction on Cu [24, 30, 31]. The current plateau suggests NO−2 reduction may
become transport-controlled.
When a relatively small [NO−3 ] was added to the NO−2 solution, the reduction current for
the latter anion is markedly reduced suggesting a displacement of NO−2 by NO−3 on surface
adsorption sites. This ability of NO−3 to displace NO−2 from such sites would be consistent with
the calculations of Bae et al. who calculated the adsorption energy of NO−3 to be significantly
larger than that of NO−2 [21].
The importance of transport effects is confirmed by the results in Figure 5.5 which show
the current increases with electrode rotation rate as the plateau is approached, particularly
in the plateau region itself. No attempt was made to determine whether or not the current
was transport controlled. This would have been difficult since the NO−2 reduction current is
superimposed on the steadily increasing current for H+ reduction. However, electrochemical
studies by Pérez-Gallent et al. [2] show that complex behaviour can be observed depending
on the crystal plane on which reduction is occurring and the number of consecutive potential
scans applied. In addition, the nature of the final reduction product can vary from NO to NH3
in acidic solutions. This behaviour is not fully understood but the suppression of the reduction
currents observed by Pérez-Gallent et al. [2] on some crystal planes has been attributed to
the inhibition by H atoms formed by H+ reduction. The possibility of suppression due to the
presence of reduction products is another possibility.
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Figure 5.5: PDP scans recorded on an RDE in Ar-sparged solutions containing 0.01 M H+ , 0.1
M Cl− , and 0.05 M NO−2 at various rotation rates.

5.3.2

The Effect of Nitrite

5.3.2.1

Corrosion in Aerated Nitrate and Nitrite Solutions

The corrosion of Cu was investigated in the presence of all three potential oxidants (O2 ,
NO−3 , and NO−2 ). Figures 5.6 to 5.8 show the corrosion potential (ECorr ) and polarization resistance (Rp ) values measured over a 3 day exposure period. In these experiments, [NO−3 ] was
added as HNO3 . Since [H+ ] does not affect the corrosion rate, as demonstrated in Chapter 4,
only NO−3 and NO−2 are expected to influence the corrosion behaviour. When the initial aerated
solution contained 0.010 M NO−2 , Figure 5.6, the effect of adding different [NO−3 ] varied, but
not consistently with [NO−3 ]. For the two lowest concentrations, 10 mM and 25 mM, and the
highest [NO−3 ], 100 mM, a steady ECorr value was recorded and Rp remained low and increased
only slightly (a factor of ∼ 3) with [NO−3 ]. This suggests the corrosion rate was high for the
entire duration of the experiment. For the two intermediate [NO−3 ], 50 mM and 75 mM, ECorr
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Figure 5.6: ECorr and Rp measurements in aerated solutions containing 10 mM NO−2 with various [HNO3 ].

decreased with time, particularly for 75 mM, and exhibited multiple potential transients. This
was accompanied by a gradual increase in Rp , a combination indicating a decrease in corrosion
rate due to the suppression of the cathodic reaction(s). The presence of the potential transients
in combination with a decreased corrosion rate suggests the formation of a partially passivating
film that undergoes a number of metastable film breakdown and repair events over time. The
absence of a definitive trend in behaviour with [NO−3 ] suggests competing, and somewhat unpredictable, features in the overall corrosion behaviour. Repeat experiments demonstrated that
the type of behaviour observed varied inconsistently with [NO−3 ] confirming that the overall
corrosion process involved competitive processes.
If the [NO−2 ] was doubled to 20 mM, the ECorr values changed only slightly with [NO−3 ] and
Rp values remained low indicating on-going corrosion, Figure 5.7. The overall rate (∝ R−1
p )
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Figure 5.7: ECorr and Rp measurements in aerated solutions containing 20 mM NO−2 with various [HNO3 ].

decreased by approximately a factor of 5 as a consequence of increasing the [NO−3 ] by one
order of magnitude. This disproportionate rate change with respect to [NO−3 ] is consistent with
corrosion rates extracted from pH evolution curves in small solution volumes where a fifteen
times increase in [HNO3 ] only resulted in approximately a four times increase in rate [1] and
consistent with conterbalancing influences of NO−3 and NO−2 on the corrosion rate. The small
transients in ECorr suggest possible variations in local corrosion behaviour possibly due to either
the influence of adsorbed reactants/products or the deposition of partially protective films.
When the [NO−2 ] was varied while the [NO−3 ] was maintained constant at 10 mM, Figure
5.8, similar variability to that shown in Figure 5.6 was observed. With the exception of the experiment conducted at a [NO−2 ] of 20 mM, neither ECorr or Rp varies significantly with [NO−2 ].
This indicates that , while NO−2 may be involved in the corrosion process as an oxidant, the
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Figure 5.8: ECorr and Rp measurements in aerated solutions containing 10 mM HNO3 with
various [NO−2 ].

overall corrosion rate is not dependent on [NO−2 ] in aerated solutions, at least within the concentration range investigated. As observed when the [NO−2 ] was varied at constant [NO−3 ], the
onset of a decrease in ECorr and accompanying increase in Rp (at 20 mM [NO−2 ] in the case
presented) indicated competitive influences of NO−3 and NO−2 .
SEM micrographs revealed two different corrosion morphologies after corrosion in the 10
mM HNO3 solutions. After corrosion at a low [NO−2 ], Figures 5.9(a) and 5.9(b), the Cu surface
was heavily etched with the corrosion damage being easily visible. By contrast, at the higher
[NO−2 ] of 40 mM, Figures 5.9(c) to 5.9(e), etching of the surface is evident from the well
defined grain structure across the entire surface but the damage features are obscured by the
presence of a uniformly distributed deposit comprised of sub-micron particles. Since the Rp
values recorded in these two experiments are the same, Figure 5.8, this deposit is ineffective in
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(e)

Figure 5.9: SEM micrographs of Cu coupons after immersion in aerated 10 mM HNO3 for 3
days with 10 mM NO−2 ([a] and [b]) and 40 mM NO−2 ([c], [d] and [e]).
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blocking corrosion. In general,in repeated experiments of this nature, deposits were observed
at the higher [NO−2 ].
5.3.2.2

The Influence of Nitrite on Corrosion

In an attempt to distinguish between the effects of NO−2 , NO−3 , and O2 , experiments were
performed in deaerated NO−2 and NO−2 /NO−3 solutions. In solutions not containing HNO3 , HCl
was used to adjust the pH. In order to avoid inconsistencies associated with NO−2 decomposition
prior to the start of an experiment [32, 33], experiments were initiated and allowed to establish
a steady state ECorr before the first addition of NO−2 . The ECorr and Rp responses observed in a
series of experiments with additions of various [NO−2 ] to HCl and HNO3 solutions are shown
in Figures 5.10 and 5.11 and Figures 5.12 and 5.13, respectively.

Figure 5.10: ECorr measurements recorded in Ar-sparged 100 mM HCl with the addition of
various [NO−2 ] spikes.
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In an HCl solution, prior to the addition of NO−2 , ECorr rapidly established a steady state
value between - 0.200 V vs SCE and -0.250 V vs. SCE with Rp values approaching 5 ×
104 Ω.cm2 , as expected in Ar-sparged solutions. When NO−2 was then added, ECorr increased
immediately by approximately 0.200 V to 0.025 V vs. SCE. Following this initial change,
ECorr achieves a maximum before beginning a long slow decrease. The initial increase in ECorr
is accompanied by a 103 times decrease in Rp . This transition to high ECorr (approximately

Figure 5.11: Rp measurements recorded in Ar-sparged 100 mM HCl with the addition of various [NO−2 ] spikes.

-0.025V vs. SCE to 0.025 V vs. SCE) and low Rp values is expected following the addition
of an oxidant which leads to active corrosion. The Rp values immediately after NO−2 addition
are considerably lower (approximately 20 Ω.cm2 to 30 Ω.cm2 ) than those measured in aerated
NO−3 solutions with (Figures 5.6 to 5.8 or without (Figure 4.1) NO−2 (approximately 80 Ω.cm2
to 300 Ω.cm2 ). Thus, the corrosion rate when only NO−2 is present is very high.
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The ECorr tends to become more positive as [NO−2 ] is increased, a difference which is maintained over the 16 hour duration of the experiment, although it is only a minor difference. The
slight differences in ECorr over the initial exposure period (up to ∼ 9 hours) are reflected in
variations in Rp . The similarities in ECorr and Rp values for all [NO−2 ] indicate that, while the
addition of NO−2 immediately stimulates active corrosion, the rate is not dependent on [NO−2 ].
This indicates that the rate is not controlled by the first electron transfer step which would be
expected to be first order in [NO−2 ] but would be consistent with a rapid NO−2 preadsorption
step which would maintain complete surface coverage and a rate independent of [NO−2 ]. Over
the longer term, ECorr decreases and Rp increases (i.e., the corrosion rate decreases) indicating
the dominant effect of a decrease in the rate of the cathodic reaction, NO−2 reduction.
A number of explanations appear possible for this behaviour: (i) the [NO−2 ] decreases due
to the decomposition of HNO2 in the bulk solution [32, 33]; (ii) the product of NO−2 reduction,
NO, is retained on the Cu surface thereby blocking the adsorption sites required by NO−2 if
it is to act as an oxidant [6]; and (iii) the rapid reaction of Cu with NO−2 leads to a high
local dissolved Cu concentration and the deposition of Cu2 O/CuO (i.e., as noted in Figure 5.9)
partially blocks the Cu surface. Control by NO−2 decomposition (i) is inconsistent with the
observation that the overall rate is independent of [NO−2 ]. Thus, while decomposition will be
occurring, and [NO−2 ] changing, this should not be a primary influence on the rate. However, it
is possible that the decomposition process could result in the regeneration of NO−3 , Reactions
5.4 and 5.5, or by the decomposition sequence reported by Duca et al. [34], Reactions 5.9
to 5.11
2HNO2

NO(g) + NO2 + H2 O

2NO2
N2 O4(aq) + H2 O

N2 O4(aq)
HNO2 + HNO3

(5.9)
(5.10)
(5.11)

which could block the Cu surface. Blockage of the adsorption sites by the reduction product
NO(ads) as stated in (ii) is a possibility. If NO(ads) formed by Reaction 5.6 desorbs slowly
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then the overall rate would be controlled by this reaction step and would be independent of
[NO−2 ]. Alternatively, the slow further reduction of NO(ads) to either NH+4 or N2 O could be
rate determining. However, when formed on Cu, NO is claimed to be weakly bonded and
released into solution [21, 29]. Its desorption could still be rate controlling under open-circuit
conditions. While this is a possible rate-determining step it would be unlikely to occur slowly
accounting for the slow decrease in corrosion rate. The slow accumulation of an oxide deposit,
(iii), seems the most likely explanation for the slow decrease in corrosion rate (as observed in
Figure 5.9).

5.3.2.3

The Combined Influence of Nitrite and Nitrate on Corrosion

In this chapter, it has been demonstrated that NO−2 addition leads to the active corrosion of
Cu, and in Chapters 3 and 4 that NO−3 tends to block corrosion unless activated by O2 . In this
section the combined influences of NO−2 and NO−3 in the absence of O2 is investigated. Figures
5.12 and 5.13, show the ECorr and Rp responses associated with NO−2 additions to Ar-sparged
100 mM HNO3 . Prior to the addition of NO−2 , ECorr is low (approximately -0.060 V vs. SCE to
-0.085 V vs. SCE) and Rp is high (approximately 2 × 104 Ω.cm2 to 4 × 104 Ω.cm2 ) when only
NO−3 is present. These values are in close agreement with the ECorr and Rp values observed in
Chapter 4 (Figure 4.3) for Ar-sparged 100 mM HNO3 , -0.100 V vs. SCE and 4 × 104 Ω.cm2 ,
respectively, after 0.5 days.
When NO−2 is added, an immediate increase in ECorr results, with larger NO−2 additions inducing greater increases. Following this increase, a number of potential transients are present,
suggesting breakdown events, possibly associated with the breakdown of the adsorbed NO−3
layer or the oxide formed by reaction with NO−3 . Over time, less potential transients are present,
eventually giving way to a gradually decreasing potential response. As expected, Rp decreases
on addition of NO−2 with the Rp value decreasing as the added [NO−2 ] is increased. This confirms that NO−2 and NO−3 have competing influences on the overall corrosion process, with NO−2
promoting corrosion while NO−3 inhibits it. With time, with the exception of the behaviour in
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Figure 5.12: ECorr measurements recorded in Ar-sparged 100 mM HNO3 with the addition of
various [NO−2 ] spikes.

0.050 M NO−2 , ECorr decreases and Rp increases with exposure time, as observed after NO−2
addition in the absence of NO−3 , Figures 5.10 and 5.11.
In order to compare the two NO−2 data sets, the Rp values collected immediately after the
addition of NO−2 and at the end of the experiments were plotted against the added [NO−2 ].
Figure 5.14 plots these relationships with the solid points with solid lines indicating the Rp
values immediately after the NO−2 addition, and the hollow points with dotted lines indicating
the final Rp values. In Cl− containing solutions, the corrosion rate (R−1
p ) is both independent of
[NO−2 ] and decreases at a rate independent of [NO−2 ]. If this involves deactivation of the surface
then this deactivation is, therefore, independent of [NO−2 ].
−
−
When NO−3 is present, the corrosion rate (∼ R−1
p ) is low at a low [NO2 ]/[NO3 ] ratio but

increases as this ratio increases. This clearly demonstrates the competition between NO−3 and
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Figure 5.13: Rp measurements recorded in Ar-sparged 100 mM HNO3 with the addition of
various [NO−2 ] spikes.

NO−2 for surface adsorption sites, with NO−3 adsorption suppressing corrosion while NO−2 adsorption accelerates it. At high [NO−2 ]/[NO−3 ] ratios the rate approaches that observed in NO−2
solutions alone and its decrease with time disappears.
These results show that while NO−2 initially causes rapid Cu corrosion it is also responsible
for the slow suppression of the corrosion rate over the 16 hour duration of the experiment.
As noted under Ar-sparged conditions, Figure 5.9, surface deposits were commonly observed
when the [NO−2 ] was high. Figure 5.15 show the copper specimens after 16 hours of exposure
to solutions containing 100 mM NO−3 + 50 mM NO−2 (NO−2 /NO−3 = 0.5) and 10 mM NO−3 +100
mM NO−2 (NO−2 /NO−3 = 10) and the corresponding Raman spectra. At the low [NO−2 ]/[NO−3 ]
ratio the etched Cu surface is free of deposits and the Raman spectrum (not shown) shows
no peaks demonstrating the absence of detectable corrosion product deposits. By contrast,
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Figure 5.14: Rp values immediately following the NO−2 spikes and at the end of the experiments
in relation to the [NO−2 ] of the spike.

the surface exposed to the solution with a high [NO−2 ]/[NO−3 ] ratio is covered with a greenish
deposit which the Raman spectrum suggests is Cu2 O [1, 35, 36] although the unidentified peak
at ∼ 400 cm−1 suggests a possible additional phase.
The rapid initial increase in corrosion rate on its addition demonstrates that NO−2 can act
directly as an oxidant. It is also possible that, like NO−3 it would further oxidize Cu+ ,
NO−2 + 2H+ + Cu+ −→Cu2+ + NO + H2 O

(5.12)

thereby accelerating corrosion via the catalytic cycle
Cu2+ + Cu−→2Cu+

(5.13)
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Figure 5.15: Images of Cu samples corroded for 16 hours in 100 mM NO−3 + 50 mM NO−2 and
10 mM NO−3 +100 mM NO−2 with the corresponding Raman spectrum recorded on the latter
specimen.

shown to occur in Chapter 3. Whether or not NO can then also act as an oxidant remains
uninvestigated.
The extent of damage caused by different ratios of NO−2 : NO−3 was examined using optical
and confocal microscopy. Optical images and 3-dimensional topography maps from the experiments involving 25 mM, 50 mM, and 75 mM NO−2 additions to 0.100 M HNO3 are shown in
Figure 5.16. Each corroded surface exhibits different extents of individual grain etching. When
25 mM NO−2 was added, a small amount of etching was observed, Figure 5.16(a) and 5.16(b).
All of the original grinding lines from the surface preparation were still visible and the difference in grain elevation was approximately 0.5 µm. The addition of 50 mM NO−2 caused more
damage, Figures 5.16(c) and 5.16(d), making the original grinding lines less sharp/visible while
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Figure 5.16: Optical images and 3-dimensional topographical representations of the electrode
surface following 16 h immersion in Ar-sparged 100 mM HNO3 with 25 mM NO−2 ([a] and
[b]), 50 mM NO−2 ([c] and [d]), and 75 mM NO−2 ([e] and [f]). The scale represents the heights
of the grains with the zero point being the lowest measured point on the surface.
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also increasing the differences in grain height to approximately 1.0 µm. Finally, upon the addition of 75 mM NO−2 , extensive etching is observed. There are no indications of grinding lines
suggesting damage to the entire surface. In addition, the differences in grain height due to preferential etching has increased to approximately 5.0 µm. This damage profile is consistent with
the corrosion rates measured electrochemically, and with the expectation that different crystal
planes will corrode at different rates.
These images also illustrate that the decrease in corrosion rate observed at low [NO−2 ] additions is potentially not related to a film formation and rather to the depletion of high energy
sites most likely formed during grinding. An alternate argument for the long slow decrease in
corrosion rate, Figure 5.14, is that in the presence of adsorbed species, anodic dissolution depends on both the crystal plane and the dynamics of surface adsorbed species [37, 38]. Thus, it
is possible that potential cathodic sites, such as step edges, on specific crystal faces are blocked
by adsorbed species such as NO−3 or NO. Bae et al. [21] has shown that step edges on Cu(100)
are preferred locations for strong adsorption of reduction products under electrochemical conditions. This adsorption pattern could affect the corrosion rate. However, it is also possible
these locations could deactivate by oxide formation. Bae et al. [29] has reported that NO−3
reduction occurs more readily on Cu(111) than Cu(100), which could be the same for NO−2 .
At these relatively low [NO−2 ]/[NO−3 ] ratios (0.25 to 0.75) there is no evidence for the deposition of Cu2 O (as in Figure 5.9(d) and 5.9(e)) when this ratio was much larger (10). A
possible explanation for this difference is that this ratio determines the local [Cu+ ] which is
rapidly produced by Reaction 5.7 but consumed by reaction with NO−3 .
NO−3 + 2H+ + 2Cu+ −→NO−2 + 2Cu2+ + H2 O

(5.14)

While the decrease in [Cu+ ] at the Cu surface would suppress the deposition of Cu2 O, the
regeneration of NO−2 would not exert a significant influence on the rate, shown above to be
independent of [NO−2 ].
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Effect of Nitrite in Small Solution Volumes

Previous results in this chapter show that NO−2 competes with NO−3 , the former accelerating corrosion, the latter suppressing it unless activated by the production of Cu+ via corrosion
driven by O2 reduction. However, over longer exposure periods the corrosion rate decreases,
a process which appears to be enhanced at high [NO−2 ]/[NO−3 ] ratios. To further investigate
these influences a series of experiments was conducted in the small cell, described and shown
in Chapter 3 (Figure 3.2). Given the smaller electrode surface area to solution volume ratio
(SA/V = 0.524 cm−1 ) saturation of the solution with dissolved Cu leading to film deposition
would be expected to be accelerated. Since all the possible cathodic reactions (O2 , NO−3 , and
NO−2 reduction) consume protons, pH measurements, as described in Chapter 3, were used to
follow the rate and progress of the overall corrosion reaction. Figure 5.17 shows the evolution
in pH with exposure time for an aerated 25 mM NO−3 solution containing various [NO−2 ]. Also
included is the evolution of pH recorded in the absence of NO−2 , from Figure 3.3. The pH
values at the beginning of the experiments is higher than expected based on the composition of
the solution, which may indicate the decomposition of some NO−2 prior to the earliest measurement. While this may invalidate any attempt to estimate a corrosion rate, it is still clear that
the rate of consumption of protons leading to a pH increase is rapid in the presence of NO−2 as
expected from the results in Figure 5.13. The increase in pH over the first hour is independent
of [NO−2 ] when the variation in initial pH is taken into account. Beyond approximately 2 hours,
the pH reaches a steady-state value between 5.2 and 6.1 which is higher than that achieved in
the absence of NO−2 which ranged from 4.5 to 5.1 (Figure 3.3).
Figure 5.18 shows a series of SEM images recorded after exposure to solutions containing
3 different [NO−2 ], 10 mM, 30 mM, and 60 mM corresponding to solutions with [NO−2 ]/[NO−3 ]
ratios of 0.4, 1.2, and 2.4, respectively. At the lowest ratio of 0.4, a substantial crystalline
deposit of Cu2 O is formed, Figures 5.18(a) and 5.18(b), with some areas of the Cu surface
apparently more corroded, or at least less protected by deposits than others. When the ratio is
decreased to 1.2, the deposition of larger crystals is decreased while an apparently unprotective

Chapter 5. Nitrite Effects on Copper Corrosion in Nitric Acid Solutions

163

Figure 5.17: pH evolution with time for various [NO−2 ] in aerated 25 mM HNO3 .

deposit of small crystals is formed. At the highest ratio of 2.4, visible corrosion occurs in only a
few places Figures 5.18(e) and 5.18(f), with the majority of the surface covered by an extremely
thin, and barely visible nanoscale deposit. While the quantitative significance of these results is
dubious due to the chemical instability of acidic NO−2 solutions, they indicate that rapid reaction
in solutions dominated by NO−2 leads to the formation of a partially protective film of Cu2 O
when dissolved Cu species are confined in a small volume of solution. Whether the formation
of this layer is due to the deposition of Cu+ as Cu2 O once the solubility limit is exceeded [39]
or occurs via Reaction 5.13 remains to be determined.
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Figure 5.18: SEM images of the Cu electrodes after corrosion in aerated 25 mM HNO3 with
10 mM NO−2 ([a] and [b]), 30 mM NO−2 ([c] and [d]), and 50 mM NO−2 ([e] and [f]).
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Summary and Conclusions

Figure 5.19 attempts to summarize the reactions occurring when either O2 , NO−3 , and NO−2
are present separately or together. For clarity, the bulk solution reactions involving the oxidation of Cu+ by O2 and the decomposition of HNO2 are not included.

Figure 5.19: An updated schematic illustrating the previously established mechanistic processes from Chapter 4 with additional processes included to illustrate the effects of NO−2 .

• In the previous chapters the role of O2 and NO−3 in the corrosion of Cu were elucidated. In
the absence of O2 it was shown that the dominant cathodic reaction was O2 reduction (Reaction
1) which activated NO−3 as a cathodic reagent by producing Cu+ as a soluble species (Reaction
2).
• This activated NO−3 reduction to NO−2 (Reactions 3 and 4) leading to the production of
Cu2+ and activating the catalytic cycle (Reactions 2,3, and 4) and the release of NO−2 to solution
(Reaction 5).
• In the present study it has been demonstrated that, once formed, NO−2 reacts rapidly with
Cu to enhance the overall corrosion rate (Reactions 6 and 7).
• When present together, NO−3 and NO−2 compete for surface adsorption sites with NO−3
blocking corrosion and NO−2 enhancing it.
• When produced rapidly in the absence of NO−3 , Cu+ can be deposited as Cu2 O if the
solubility product for this oxide is exceeded at the Cu surface (Reaction 8). This leads to a
reduction in the overall corrosion rate.
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• If produced more slowly when both NO−3 and NO−2 are present and competing for surface
adsorption sites, Cu2 O deposition can be avoided and severe corrosion promoted.
• It is also possible that Cu+ produced by corrosion driven by NO−2 could further oxidize
to Cu2+ by reaction with O2 and NO−2 (not shown) and further promote the catalytic cycle via
Reaction 4. There is no definitive evidence in this study for this reaction pathway, though, if it
occurred, it would be fast since Cu+ is rapidly formed via Reaction 7.
• The product of NO−2 reduction, NO, would be released to solution and transformed to the
vapor phase. It could also act as a corrosive agent leading to the production of either N2 O or
NH+4 as shown in Figure 5.1. However, no evidence exists to support this possibility in this
study.
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Chapter 6
The Effect of Chloride on Copper
Corrosion in Nitric Acid Solutions

6.1

Introduction

The proposed Cu coated container designed for the disposal of contain spent nuclear fuel
in a deep geologic repository will be affected by various corrosion processes. One of the few
conditions that will be uniform across the lifetime of the container is the presence of Cl− , resulting from the anticipated groundwater salinity [1, 2]. The groundwater composition will
depend on the specific site selected, while the composition of the water reaching the container
surface will be conditioned by its passage through the backfill and bentonite clay, especially
by ion exchange processes and the dissolution of salt content. Irrespective of location and this
conditioning process, currently available analyses from test sites estimate that the [Cl− ] will be
∼ 4.5 to 5.0 M [2]. During the early container exposure period when humid air radiolysis can
lead to the generation of HNO3 , the [Cl− ] may not reflect this value. Cl− present at this time
will have accumulated as salt crystals as a result of the hot, dry environment (previously discussed in Section 1.3.2) created by the heat emitted by the used fuel containers (UFCs). These
salt crystals can be present on the UFC surface or in the clay, and under humid conditions, con-
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densation or deliquescence of either H2 O or HNO3 can lead to various [Cl− ] at the container
surface [3–5]. Thus, the effects of Cl− on the kinetics and mechanism of Cu corrosion in HNO3
is necessary to license the proposed container.
Since Cl− will be present in groundwater irrespective of geological location, extensive research has been conducted by a number of nuclear waste disposal organizations on Cu corrosion in Cl− -containing media [4, 6–9]. These studies generally focus on the effects of Cl− in
near neutral or slightly basic solutions since this is the expected condition once the bentonite
clay becomes fully saturated [1]. Under these conditions, Cl− primarily acts as a complexant
for oxidized Cu produced by corrosion supported by oxygen reduction [7]. The extent of complexation will depend on the [Cl− ]. Based on the Pourbaix diagrams prepared by King et al. [3],
Cl− will stabilize the Cu+ state with the most stable complex when [Cl− ] is between ∼ 10−2 M
3−
and 1.0 M being CuCl−2 . At extremely high [Cl− ], CuCl2−
3 and possibly CuCl4 become more

important [3]. The Cu+ state has been shown to catalyze NO−3 reduction as studied in Chapters
4 and 5 of this thesis and previously claimed in the literature [10–12]. Since HNO3 can be
produced by the radiolysis of humid air, Cl− could play a significant role in UFC corrosion in
the early stages of emplacement in a deep geological repository (DGR).
Extensive research has been conducted on the corrosion of Cu in the presence of Cl− [3,
13, 14], with the majority of this research dealing with the effects of O2 in neutral to slightly
alkaline conditions. Cl− will participate in the corrosion process via Reactions 6.1 and 6.2,
Cu + xCl− −→CuCl(1−x)−
+ e−
x

(6.1)

O2 + 2H2 O + 4e− −→4OH−

(6.2)

and would lead to active dissolution of Cu, especially under acidic conditions. Under neutral
to alkaline conditions, the formation of solid species such as, Cu2 O, CuCl, and Cu2 Cl(OH)3
can occur on the Cu surface. [3, 13, 14]. The influence of O2 in both the presence and absence
of Cl− has been extensively reviewed by King et al. [3, 7] and Kear et al. [13] and briefly
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summarized in Section 1.3.5 of this thesis. Cl− may influence O2 reduction by stabilizing
adsorbed Cu(I) surface states, a species shown to catalyze its reduction [3]. However, it is
unclear if this process will be inhibited by the competitive adsorption between Cl− and NO−3 .
The goal of this chapter is to investigate the effect of Cl− on the corrosion of Cu in HNO3
solutions. Focus is placed on determining whether the increased Cu solubility in the presence
of Cl− inhibits the passive behaviour of Cu in anoxic HNO3 , or if the generation of Cu+ as Cl−
complexes is capable of catalyzing NO−3 reduction and hence accelerating the overall corrosion
process.

6.2
6.2.1

Experimental
Electrode Preparation and Electrochemical Cell Design

All coupons and electrodes were cut from an O-free, P-doped Cu block supplied by Svensk
Kärnbränslehantering AB (SKB). Electrodes used in electrochemical experiments were 1 × 1
× 1 cm cubes. All samples were fabricated with a threaded hole on the back of the sample and
attached to a steel dowel. In the case of stationary electrochemical measurements, the steel
dowel was insulated using polytetrafluoroethylene (PTFE) shrink tubing and then the sample
was mounted in Epofix epoxy such that only one face was left exposed. The surface area to
solution volume (SA/V) ratio for these large solution experiments were 0.002 cm−1 . For microcell experiments, long Cu cylinders were fabricated with a length of 10 cm and a diameter of 1
cm. On the bottom of the circular face to be exposed to solution a small cylindrical extension
measuring 0.5 cm in diameter and 0.5 cm in length was present allowing the attachment of an
alligator clip for electrochemical measurements. The cylinder was wrapped with PTFE tape
and PTFE shrink tubing attached to form a small cell with the top cylindrical face acting as the
bottom of the cell. A rubber stopper with a hole was then placed in the top of the shrink tubing
to hold the reference electrode in place. A schematic of this setup is illustrated in Figure 6.1.
This resulted in a SA/V ratio of 0.524 cm−1 .
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Figure 6.1: Microcell set up for electrochemical measurements.

Cu surfaces were prepared by grinding with a number of Si-C papers ranging from P120
to P2400 grit. After grinding, samples were cleaned by ultrasonication first in methanol for
two minutes and then in Type 1 water for one minute before being dried using a high velocity,
ultrapure Ar stream.

6.2.2

Solutions

Solutions were prepared using ultrapure Type 1 water with a resistivity of 18.2 MΩ.cm
dispensed from a Barnstead Nanopure (Thermoscientific) water purification system. HNO3 ,
provided by Caledon, was added to solution to achieve the desired concentration for each
experiment. Solid NaCl from Fisher Scientific was added to solutions to achieve the desired
[Cl− ] immediately before an experiment. Aerated experiments were performed with the cell
open to the atmosphere to allow constant diffusion of air into the cell headspace. For Arsparged experiments the cells were sealed and sparged with ultrapure Ar at a constant flow rate.

Chapter 6. The Effect of Chloride on Copper Corrosion in Nitric Acid Solutions

176

Solutions were sparged for at least 20 minutes prior to putting the electrode in the solution and
then maintained for the entire experiment to ensure continuous deaeration.

6.2.3

Experimental Procedure

Electrochemical measurements were performed in the large cell (SA/V = 0.002 cm−1 ),
using a Solartron 1287 Potentiostat. Electrochemical measurements in the small cell (SA/V =
0.524 cm−1 ) were performed using a Solartron 1480 MultiStat. All measurements were made
using CorrWare(V.3.4d) software (Scribner Associates).
For all electrochemical measurements, Pt was used as the counter electrode. In the large
cell a Pt flag was used whereas a wire was used in the microcell. In each case, either a saturated
calomel reference electrode (SCE) (0.241 V vs. standard hydrogen electrode (SHE) [15]) or a
saturated Ag/AgCl electrode (Ag/AgCl) (0.197 V vs. SHE [15]) were used as reference electrodes. Electrochemical measurements in large solutions were performed using SCE reference
electrodes and microcell experiments were performed using Ag/AgCl reference electrodes.
Prior to each electrochemical experiment, the electrode surface was cathodically cleaned
using a two step potentiostatic process with each step lasting one minute. The first step involved
polarization to -1.5 V vs. SCE and the second to -1.15 V vs. SCE.
Microcell experiments in which the progress of the corrosion reaction was monitored by
following the pH were performed using the same setup as illustrated in Figure 6.1, but with both
the reference and counter electrodes removed. The solution pH was intermittently monitored
using an Orion 9110DJWP Double Junction pH Electrode.

6.2.4

Analytical Procedures

Scanning electron microscope (SEM) images were collected using a Hitachi SU3500 Variable Pressure SEM at a working distance of 10 mm. The accelerating voltage was varied
between 15 and 25 kV. Raman spectra were collected using a Renishaw InVia Reflex Raman
Spectrometer and a 633 nm laser. Images were collected using the 50 × aperture. All spec-
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tra were measured in the 120 to 2000 cm−1 Raman shift range. All spectra were calibrated
against the 520.5 cm−1 peak of Si. Inductively coupled plasma-mass spectrometry (ICP-MS)
measurements were conducted using an Agilent 7700 ICP-MS.

6.3
6.3.1

Results and Discussion
Effect of Chloride on the Electrochemistry of Copper in Nitric
Acid Solutions

Corrosion potential (ECorr ) and polarization resistance (Rp ) measurements were performed
in the large electrochemical cell (SA/V = 0.002 cm−1 ) under various conditions to investigate
the synergistic effects of [Cl− ] and [NO−3 ] in aerated, acidic solutions. Figure 6.2 shows the
effect of changing the [NO−3 ] (added as HNO3 ) while keeping the [Cl− ] constant. Each solution
showed a very similar electrochemical response indicating that ECorr and Rp are independent
of [NO−3 ]. A slight decrease in Rp over the full exposure period is observed. This behaviour
is similar to that observed in Figure 4.1, an analysis for the same [HNO3 ] but without Cl− ,
where this gradual decrease was attributed to the slow accumulation of Cu+ in solution which
subsequently activates NO−3 reduction. The shaded regions in Figure 6.2 are taken from Figure
4.1 and indicate the range of ECorr and Rp values recorded after 3 days in solutions containing
various [NO−3 ] but no Cl− . The addition of Cl− induces a decrease in ECorr of ∼ 50 mV, while
Rp appears to be relatively unaffected, only a minimal increase being observed. This comparison shows that the presence of Cl− does not lead to the activation of NO−3 as an oxidant and
suppresses the corrosion rate (increases Rp ) only slightly.
Similar experiments were conducted at constant [NO−3 ] for a range of [Cl− ], Figure 6.3.
Also shown are ECorr and Rp values measured for this [NO−3 ] in the absence of Cl− . While
the measured values are more varied, no definitive trend with respect to [Cl− ] was observed.
Under aerated conditions (i.e. when an active oxidant is present), ECorr is always lower and
Rp slightly higher than in the absence of Cl− confirming that the overall influence of Cl− is to
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Figure 6.2: ECorr and Rp measurements for a Cu electrode immersed in aerated 50 mM Cl−
solution with various [HNO3 ]

reduce the corrosion rate slightly, at least when the SA/V ratio is small. The generally observed
trends with ECorr increasing/decreasing as Rp decreases/increases were consistent with control
of the overall corrosion process by the cathodic reaction. While the maximum corrosion rate
(lowest Rp ) is observed at the lowest [Cl− ] (10 mM) as expected, there is no clear trend in
rate with [Cl− ]. At intermediate [Cl− ] (25 and 50 mM) an early slight increase in Rp (∼ 1 d)
was followed by a substantial decrease. This variability is more clearly illustrated in Figure
6.4 which compares the behaviour in 100 mM NO−3 with and without 50 mM Cl− . When
Cl− was present, the corrosion rate was initially considerably lower than in the absence of
Cl− but increased approaching the Cl− -free value after ∼ 3 d. Since O2 reduction, occurring
under transport control, is the dominant cathodic reaction (Chapter 4) in the absence of Cl− ,
the increased Rp values suggest a role for Cl− in suppressing the interfacial kinetics of O2
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Figure 6.3: ECorr and Rp measurements for a Cu electrode immersed in aerated 100 mM HNO3
solution with various [Cl− ]

reduction.
Since the dominant reaction determining ECorr and Rp in aerated solutions is O2 reduction,
the removal of O2 is necessary to determine the influence of Cl− when only NO−3 is present and
minimal corrosion is occurring. Experiments performed under Ar-sparged conditions in a 50
mM Cl− solution containing various [NO−3 ] confirmed there was no significant dependence on
[NO−3 ] when only a small [Cl− ] was present. The effect of varying the [Cl− ] was monitored
by first measuring ECorr and Rp in an Ar-sparged solution of 100 mM HNO3 until both values
reached a steady state, and then adding various [Cl− ] and measuring the resulting changes in
ECorr and Rp , Figures 6.5 and 6.6, respectively. Also shown in these figures are the range of
values measured prior to the addition of Cl− . These plots show a logarithmic decrease in ECorr
as the added [Cl− ] was increased, but no change in Rp . Thus, Cl− does not activate NO−3 as
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Figure 6.4: ECorr and Rp measurements for a Cu electrode immersed in aerated 100 mM HNO3
with and without 50 mM Cl−

an oxidant. The variations in Rp are most likely attributable to small variations in [O2 ] in the
Ar-sparged solutions. The suppression of ECorr without any significant influence on the rate
suggests Cl− competes with NO−3 for surface adsorption sites. The further reduction in ECorr ,
when the [NO−3 ] was reduced to 10 mM (with 100 mM Cl− ) confirmed this competition for
adsorption sites. Based on literature values reported by Bae et al. [16] and Olsson et al. [17],
NO−3 has a stronger adsorption energy on a Cu(100) surface than Cl− , and should dominate the
surface adsorption sites. While only for one crystal plane, this suggests that even larger ratios
of [Cl− ] : [NO−3 ] would result in a further decrease in ECorr , continuing the trend observed in
Figure 6.5.
The dominant influence of Cl− when corrosion is occurring under aerated conditions would
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Figure 6.5: ECorr range established for Cu in 100 mM HNO3 by itself and the resulting ECorr
following various [Cl− ]. The red point represents a final ECorr value established when [Cl− ] :
[NO−3 ] was 100 mM:10 mM

be expected to be on the anodic reaction via the reaction sequence,
Cu + Cl− → CuCl(ads)

(6.3)

CuCl(ads) + Cl− → CuCl−2

(6.4)

Thus, one possibility is that the formation of CuCl(ads) at reactive surface sites not blocked by
NO−3(ads) leads to mixed anodic/cathodic control of the overall corrosion process with CuCl(ads)
being only slowly released to solution as CuCl−2 in the relatively low [Cl− ] employed in these
experiments. An alternative, or additional, possibility is that Cl− interferes with the O2 reduction reaction. It has been demonstrated that O2 reduction on Cu surfaces is catalyzed by
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Figure 6.6: Rp range established for Cu in 100 mM HNO3 by itself and the resulting Rp following various [Cl− ]. The red point represents a final Rp value established when [Cl− ] : [NO−3 ]
was 100 mM:10 mM

surface electron donor-acceptor sites involving adsorbed oxidized Cu states. Vazquez et al. [18]
claimed these sites involved Cu(I)/Cu(II) states but King et al. [19] published compelling evidence that the donor-acceptor sites involved Cu/Cu(I) states, with the Cu(I)(ads) states subsequently destroyed by their electrochemical reduction. Although working in SO−4 not Cl− solutions, Lu et al. [20] noted that in such a mechanism the Cu(I)(ads) state would act not only as a
cathodic reaction catalyst but also as an anodic reaction intermediate in the overall corrosion
process. As a consequence, by stabilizing Cu(I) as CuCl(ads) and/or accelerating its release into
solution as CuCl−2 , Cl− could reduce the rate of electron (e− ) transfer to O2 . When Cl− is not
present, O2 reduction occurs under transport control, making the above mechanism effectively
the introduction of activation control. The longer term increase in corrosion rate could then be
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attributed to the catalysis of the NO−3 reduction by Cu+ species leading to the formation of the
more reactive NO−2 species (Chapter 5) and the initiation of the catalytic cycle
2Cu+ + NO−3 + 2H+ → NO−2 + 2Cu2+ + H2 O

(6.5)

Cu2+ + Cu → 2Cu+

(6.6)

Since Reaction 6.5 has been shown to involve soluble Cu+ [10–12], the delayed and /or slow
increase in corrosion rate could be attributed to the relatively slow generation of Cu+ within
the surface reaction layer.

6.3.2

Chloride Effect in Small Solution Volumes

6.3.2.1

Effect of Chloride and Nitric acid Concentration

The effect of Cl− on the corrosion rate in small solution volumes was investigated by following the evolution of the solution pH using a 0.785 cm2 Cu electrode with a SA/V ratio of
0.524 cm−1 . This approach offers an alternative method of measuring corrosion rates. It also
confines dissolved Cu species close to the corroding surface and simulates more closely the
conditions which will prevail on a waste container surface during the early exposure period
when the radiolytic production of HNO3 would be possible. In addition, if a catalytic cycle
involving Cu+ is involved, the use of a cell with a large SA/V ratio would facilitate a buildup
of the surface [Cu+ ], thereby promoting the cycle. The pH evolution is directly related to the
corrosion rate since both cathodic reactions consume H+ , Equations 6.7 and 6.8.
NO−3 + 2e− + 2H+ → H2 O + NO−(aq)

(6.7)

1/2O2 + 2e− + 2H+ → H2 O

(6.8)

Experiments were conducted to investigate the effects of both [Cl− ] and [NO−3 ]. Figure 6.7
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shows the effect of changing the [NO−3 ] at a constant [Cl− ] of 50 mM. When NO−3 is added as

Figure 6.7: pH evolution in 1.5 mL microcells containing 50 mM Cl− and [HNO3 ] ranging
from 10 mM to 150 mM. The shaded area indicates the final pH plateaus achieved in a similar
set of experiments in the absence of Cl− (from Figure 3.3).

HNO3 the initial pH is lower and increases more slowly as [NO−3 ] is increased. However, this
does not influence the rate which has been shown to be independent of [H+ ]. As demonstrated
in Chapter 3 (Figures 3.3 and 3.4), the exponential increase in pH indicates a linear decrease
in [H+ ]. In the absence of Cl− (Figure 3.3) the evolution of pH showed a temporary plateau
between 3.4 and 3.7 which was close to the pKa for the HNO2 dissociation reaction, Reaction
6.9.
HNO2

NO−2 + H+

(6.9)

This was taken as an indication that some NO−2 was released to the solution. The absence of
such a pH plateau when Cl− is present indicates that the NO−2 formed by NO−3 reduction shows
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no tendency to accumulate in the solution, suggesting it reacts further unlike in the absence
of Cl− [12]. The pH ceases to change at different values depending on the [NO−3 ]. A higher
[NO−3 ] results in a lower pH plateau around 4.5 while a low [NO−3 ] results in a high pH plateau
up to 6.3. In the absence of Cl− , the final pH stabilized in the range of 4.5 to 5.0 as indicated
by the shaded area in Figure 6.7 and displayed no trend with respect to [NO−3 ] [12]. For all
except the lowest [NO−3 ], the final steady-state pH was effectively in the same range, with the
pH at the lowest [NO−3 ] showing a delayed increase to pH > 6.0. A possible explanation for this
delayed increase is that the extent of corrosion is lower since a considerably smaller inventory
of H+ will be consumed when the initial pH is higher. This would result in decreased corrosion
product deposition, ultimately leading to a less protective oxide. This agrees with the SEM
images presented later in this section.
Figure 6.8 shows the complimentary data set for experiments in which [NO−3 ] was kept
constant at 100 mM and the [Cl− ] varied between 10 mM and 150 mM. The pH evolves independently of [Cl− ], with all pH plateaus occurring in the 4.5 to 5.0 pH range, except when [Cl− ]
= 25 mM. As noted for the results in Figure 6.3, this reflects the greater variability in behaviour
observed when Cl− is present. As observed in Figure 6.7, no pH plateau was observed around
the pKa of NO−2 , indicating the absence of significant amounts of NO−2 in the solution.
In order to determine the corrosion rate dependence on both [NO−3 ] and [Cl− ] when both
are present in solution, the change in H+ consumption rate (∆[H+ ]) was calculated using the
procedure outlined in Chapter 3 [12]. Figure 6.9 confirms that, allowing for the variability,
[Cl− ] does not have a significant effect on the rate of consumption of H+ (i.e. the corrosion
rate). Figure 6.10 compares data obtained over the range 10 ≤ [NO−3 ] ≤ 150 mM in solutions
with and without 50 mM Cl− . In the absence of Cl− the rate decreases as [NO−3 ] is decreased
as reported in Chapter 3 [12], but in the presence of Cl− , it does not. The linear fit suggests
a possible increase in rate as [NO−3 ] decreases, although the uncertainty associated with individual values makes such a claim dubious. These results confirm that while the corrosion rate
may not vary with [Cl− ], Cl− is involved in the corrosion process.
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Figure 6.8: pH evolution in 1.5 mL microcells containing 100 mM HNO3 and [Cl− ] ranging
from 10 mM to 150 mM.

In the large cell experiments presented in Section 6.3.1, Cl− had a small inhibiting effect on
the corrosion rate, based on the ECorr /Rp measurements, while in these small cell experiments
it appears to sustain the rate as [NO−3 ] decreases. In the small cell experiments in the absence
of Cl− the increase in corrosion rate with [NO−3 ], Figure 6.10, was interpreted (Chapter 3) as an
indication that NO−3 , inert in the absence of O2 , was activated as an oxidant by Cu+ produced in
the acidic solution by the O2 driven corrosion. A number of possible influences of Cl− can be
proposed to explain the ability of Cl− to increase the rate at lower [NO−3 ]. Adsorbed Cl− may
stabilize Cu+ states on the Cu surface which then catalyzes the O2 reduction reaction. This
argument would be at odds with the general suppression of the rate in large solution volumes
when the O2 reduction reaction appeared to be under transport control and not expected to
be sensitive to changes in the SA/V ratio. Alternately, in small solution volumes with high
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Figure 6.9: H+ consumption rates for various [Cl− ] with 100 mM HNO3 under aerated conditions.

SA/V ratios, Cl− could stimulate the release of Cu+ as CuCl−2 which, in the limited volume of
solution accumulates in the proximity of the Cu surface, reduces NO−3 to produce Cu2+ and the
more active oxidant, NO−2 . This would then stimulate enhanced corrosion due to the reduction
of NO−2 , which is rapid (Chapter 5) and the promotion of the catalytic cycle, Reactions 6.5
and 6.6.
Despite exerting only a minor influence on the corrosion rate, the different [NO−3 ] and [Cl− ]
resulted in corrosion products with different compositions and morphologies.

Figures 6.11

to 6.13 show SEM images of Cu surfaces exposed to NO−3 solutions with and without Cl− and
Figure 6.14 representative Raman spectra recorded on these surfaces. The SEM images in Figures 6.11 show the corrosion product morphologies after immersion in solutions with [NO−3 ] <
50 mM and ≥ 50 mM, respectively. At [NO−3 ] < 50 mM, a uniform, compact Cu2 O film results,

Chapter 6. The Effect of Chloride on Copper Corrosion in Nitric Acid Solutions

188

Figure 6.10: H+ consumption rates for various [HNO3 ] with and without 50 mM Cl− under
aerated conditions [12].

Figure 6.14, whereas at high [NO−3 ], Cu2 O formation is accompanied by the deposition of an
outer layer of Cu2 NO3 (OH)3 [21, 22], Figures 6.11(c) and 6.11(d), Figure 6.14. Cu2 NO3 (OH)3
is present as platelets in Figures 6.11(c) and 6.11(d). These morphologies are consistent with
those observed previously (Chapter 3) [12]. The dominance of Cu2 O when [NO−3 ] < 50 mM,
Figures 6.11(a) and 6.11(b) and Figure 6.14, confirms that the Cu2+ which would inevitably
form in aerated solutions via the homogeneous reaction [23]
4Cu+ + O2 + 2H2 O −→ 4Cu2+ + 4OH−

(6.10)

does not exceed the solubility product for the deposition of Cu(II)-NO−3 phases. Also, the
absence of any detectable Cu(II) surface phases confirms that the Cu2+ formed is utilized in
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Figure 6.11: SEM micrographs of Cu coupons after 45 days of immersion in aerated solutions
containing (a-b) [HNO3 ] < 50 mM or (c-d) [HNO3 ] ≥ 50 mM.
the catalytic corrosion cycle, Reaction 6.6. The compactness of the Cu2 O deposit, Figures
6.11(a) and 6.11(b), would then suggest that the pH plateau achieved under these conditions
signaled the blockage of the corrosion process. At higher [NO−3 ], Figures 6.11(c) and 6.11(d),
the substantial deposit of Cu2 NO3 (OH)3 platelets shows the solubility of this Cu2+ containing
phase was exceeded leading to a mixed Cu2 O/Cu2 NO3 (OH)3 surface deposit. Although not
apparent in the Raman spectrum in Figure 6.14, other areas on the surface (i.e. the top left
corner of Figure 6.11(c)) exhibit the film morphology associated with Cu2 O.
The surface of samples corroded in the presence of 50 mM Cl− solutions, Figure 6.12,
are covered with a somewhat featureless Cu2 Cl(OH)3 deposit formed by the homogeneous
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Figure 6.12: SEM micrographs of Cu coupons after 19 days of immersion in aerated solutions
containing 50 mM Cl− and (a-b) [HNO3 ] < 50 mM or (c-d) [HNO3 ] ≥ 50 mM.
oxidation of Cu(I)-Cl− complexes
2CuCl−2 + O2 + 2H2 O −→ Cu2 Cl(OH)3 + 3Cl− + OH−

(6.11)

along with Cu2 O [21, 24, 25], Figure 6.14. An additional compound, potentially corresponding
to a polymorph of Cu2 NO3 (OH)3 , may be present. However, the signal for this compound is
minor compared to that of Cu2 Cl(OH)3 . Comparison of the micrographs in Figures 6.12(a)
and 6.12(b) with those in Figures 6.12(c) and 6.12(d) show a more compact and slightly less
crystalline deposit was formed at the higher [NO−3 ]. When the [NO−3 ] is increased to 100 mM
with [Cl− ] < 50 mM, Figures 6.13(a) and 6.13(b), highly crystalline, interpenetrating cubic
structures are observed. This network of crystals appears porous although the pH profiles
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Figure 6.13: SEM micrographs of Cu coupons after 17 days of immersion in aerated solutions
containing 100 mM HNO3 and (a-b) [Cl− ] < 50 mM or (c-d) [Cl− ] ≥ 50 mM.
in Figure 6.8 show the pH has achieved a steady state value indicating corrosion has stopped.
Raman analysis shows that Cu2+ is now deposited as Cu2 Cl(OH)3 , although the cubic structures
are consistent with those expected for Cu2 O [26–33] and could account for the observation of a
Cu2 O signal in Figure 6.14. A possibility is that Cu2 O formation is driven by Reaction 6.6 with
Cu2+ formed by Reaction 6.10 and deposited once higher pH values are reached, leading to a
layer of Cu2 Cl(OH)3 on the exterior surface. At [Cl− ] ≥ 50 mM, Figures 6.13(c) and 6.13(d),
the electrode surface appears to be fully covered by a compact, partially crystalline Cu2 Cl(OH)3
layer.
These analyses demonstrate that that the ratio of [NO−3 ] to [Cl− ], while exhibiting only a
minor influence on the corrosion rate, has a strong effect on the corrosion product morphology
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Figure 6.14: Representative Raman spectra for the three different compositions observed in
Figure 6.11.

and composition. Under all conditions when the [NO−3 ] is high a more crystalline corrosion
product is formed comprised of phases such as Cu2 NO3 (OH)3 , Cu2 Cl(OH)3 , Cu2 O. At low
[NO−3 ], only Cu2 Cl(OH)3 or Cu2 O are formed and deposited in less crystalline forms. The
trends associated with [Cl− ] are less definitive and appear to also be related to [NO−3 ]. At
low [Cl− ]:[NO−3 ] ratios, Cu2 O formation dominates. At [Cl− ]:[NO−3 ] ≥ 1, only Cu2 Cl(OH)3 is
observed, with the film becoming more compact as the ratio increases.

6.3.2.2

Electrochemical Measurements with Trace Chloride Present

Since the overall corrosion process involves a number of reactions, including homogeneous reactions, which contribute to the production of H+ , the evolution of pH with time does
not provide direct measurements of corrosion rate achieved in electrochemical measurements.
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In addition, the claim that a catalytic cycle involving Cu+ is involved was detected in Rp measurements but is not obvious in pH measurements. To try and determine the importance of this
reaction, electrochemical measurements were conducted in the small cell, Figure 6.1, since
local [Cu+ ] would be enhanced at the electrode surface due to the small SA/V ratio.
Figure 6.15 shows ECorr and Rp measurements performed in the microcell for a number of
[NO−3 ]. The solutions in these cells contained small [Cl− ] resulting from Cl− diffusion out of
the reference electrode. ECorr measurements appear to show three regions of behavior, Figure
6.15(b).
In region 1, for all [NO−3 ], an increase in ECorr is accompanied by a decrease in Rp ; i.e. an
increase in corrosion rate. While O2 is the dominant oxidant its concentration is set by Henry’s
Law since the cell is open to the atmosphere. Hence, the rate increase cannot be attributed to
an increase in [O2 ]. However, Cu corrosion by reaction with O2 will lead to dissolved Cu+ and
its oxidation to Cu2+ , Reactions 6.10 and 6.11, if sufficient Cl− is present. This would lead to
the activation of the catalytic cycle, Reactions 6.6, and the reduction of NO−3 to the much more
aggressive NO−2 , Reaction 6.5 (Chapter 5). This sequence of reactions could account for the
acceleration of corrosion in region 1.
Throughout region 2, ECorr and Rp slowly increase suggesting the overall corrosion process
is controlled dominantly by the kinetics of the cathodic reaction. Figure 6.16 shows ECorr and
Rp values measured in region 2 (after 20 hours). The decrease in Rp with increase in [NO−3 ]
confirms a role for NO−3 in the overall corrosion mechanism. Consistent with the study in
Chapter 3, this influence is relatively minor, Rp decreases by only a factor of ∼ 4 for a 15 fold
increase in [NO−3 ]. Also, that this influence can be attributed to an influence of NO−3 not H+ was
demonstrated previously. Changes in Rp unaccompanied by changes in ECorr indicate transport
control of the corrosion reaction with transport of O2 to the Cu surface being most likely.
The transition from region 2 to region 3 involves a decrease in ECorr accompanied by an
increase in Rp (decrease in corrosion rate) suggesting the deposition of a partially protective
film. This decrease in corrosion rate occurs at a time which is not particularly dependent on
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Figure 6.15: ECorr and Rp measurements in the microcell containing (a) 10 mM, (b) 25 mM, (c)
50 mM, (d) 75 mM, (e) 100 mM, and (f) 150 mM of HNO3 . The three distinct regions of ECorr
behavior are shown in (b) but can be distinguished in (a) to (f).
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Figure 6.16: ECorr and Rp values after immersion for 20 h in various aerated [NO−3 ].

[NO−3 ], indicating [NO−3 ] is not the dominant influence on the onset of deposition. In addition,
the Rp value achieved in region 3 does not achieve a value particularly dependent on [NO−3 ],
but decreases at longer times at the two lowest [NO−3 ] while continuing to increase at higher
[NO−3 ]. Figure 6.17 shows a plot of the measured dissolved [Cu2+ ] against the final pH achieved
in each experiment compared to the pH dependence of the solubility of Cu2+ . Cu2+ solubility
was used since by the time a final analysis was performed, any Cu+ would have been oxidized
to Cu2+ by homogeneous reaction with O2 , Reaction 6.10. These analyses show that the cell
solution was only fully saturated at the two lowest [NO−3 ]. Thus, the increase in Rp attributed
to deposition of corrosion products on the Cu surface cannot be attributed to the saturation of
the total cell solution and must reflect local concentration effects close to the electrode surface.
Figure 6.18 shows SEM micrographs of the Cu surface after the experiments in 150 mM
NO−3 and 10 mM NO−3 . After corrosion in 150 mM NO−3 the surface is clearly etched but ap-
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Figure 6.17: The final dissolved Cu content in relation to the Cu2+ solubility limit.

parently also covered by a fine deposit. Very small deposited crystals are present on the surface
which is consistent with the theory that local concentration effect could have lead to oxide deposition despite that general supersaturation was not achieved over the 100 hour experiment
time. After corrosion in 10 mM NO−3 both the fine surface deposit and deposited cubic crystals
of Cu2 O are present on the surface. This would be expected since the cell solution becomes
fully saturated. The observation of Cu2 O despite continuous aeration confirms corrosion involves Reaction 6.6 leading to Cu2 O deposition. Whether Cu2+ deposition occurred on this
time scale was not determined.
The fine (nanoparticle) universally distributed deposit on the Cu surface is similar to that
shown to be present when corrosion occurs in solutions containing only NO−2 (Chapter 5, Figure
5.9). This indicates a role for NO−2 , from NO−3 reduction, in the corrosion process and offers
an explanation for the increase in Rp in region 3 which occurs at approximately the same time
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(b)

Figure 6.18: SEM micrographs of representative surfaces produced following 100 h electrochemical monitoring in (a) [NO−3 ] = 10 mM and (b) [NO−3 ] = 150 mM.
irrespective of the [NO−3 ]. It also offers a possible explanation for the differences in long term
behaviour in Rp which begins to decrease again at low [NO−3 ] but continues to increase at higher
[NO−3 ], Figure 6.15. At low [NO−3 ] the slower production of NO−2 will mean this particularly
protective deposit is formed only slowly allowing corrosion via the catalytic cycle to proceed,
leading to the deposition of well formed Cu2 O crystals. At higher [NO−3 ] the production of
NO−2 is much higher leading to the more rapid formation of the fine deposit and the observed
decrease in corrosion rate (∝ R−1
p ).

6.4

Summary and Conclusions

• Neither Cl− nor NO−3 have a significant influence on the corrosion rate in aerated solutions
confirming that the major oxidant driving corrosion of O2 reduction.
• In the absence of O2 , Cl− is shown to compete with NO−3 for surface adsorption sites but
not to activate NO−3 as an oxidant.
• Experiments under high SA/V conditions show Cl− accelerates corrosion slightly at low
[NO−3 ]. This is most likely due to the stabilization of Cu+ as CuCl−2 which catalyzes the NO−3
reduction to the more aggressive NO−2 .
• Electrochemical experiments when SA/V is high show that the formation of NO−2 leads
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to very rapid corrosion with the high local [Cu+ ] leading to the deposition of a nanoparticulate
and partially protective Cu2 O layer.
• While Cl− and NO−3 have only a small overall influence on the corrosion rate they have
a significant influence on the composition and morphology of the corrosion products. At low
concentrations, Cu2 O is the primary corrosion product. When a significant [NO−3 ] is present,
significant deposits of Cu2 NO3 (OH)3 are formed. When Cl− is present, the dominant Cu(II)
deposit is Cu2 Cl(OH)3 .
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Chapter 7
Summary and Future Works

7.1

Summary

The goal of this thesis was to determine the mechanism of corrosion of Cu in HNO3 which
can be used in models to predict the lifetime of the Cu coated steel container proposed to encapsulate spent nuclear fuel in a deep geological repository (DGR). A combination of electrochemical, surface analytical, and solution analytical measurements were conducted to achieve
this goal. A brief summary of the mechanistic findings and their implications for the corrosion
of the proposed container follows.
The study in chapter 3 established the effects of [HNO3 ] and [O2 ] on Cu corrosion in a
small cell when the surface area to solution volume (SA/V) ratio was high. The corrosion rate
was estimated using changes in the solution pH since the reduction of both oxidants consumed
H+ . In the absence of O2 , HNO3 was not capable of causing significant corrosion damage.
Over extended periods of time, up to one year, no change in pH was observed and very minor
damage was observed on the electrode surface. When both oxidants were present, rapid general
corrosion occurred, leading to an increase in solution pH. The corrosion rate was primarily controlled by O2 reduction. However, the generation of Cu+ in the limited solution volume caused
the reduction of HNO3 with the Cu2+ formed accelerating corrosion via the disproportionation
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reaction with Cu. The reduction of NO−3 to NO−2 was confirmed by a transient buffering of the
solution pH which corresponded to the pKa of HNO2 . As a result of the increasing pH, the
solution eventually became supersaturated with Cu ions, initiating oxide deposition. Full coverage of the electrode surface by oxide formation was achieved which protected the electrode
from subsequent damage. The film was comprised of a deposit of Cu2 NO3 (OH)3 on top of a
Cu2 O layer.
In chapter 4 the investigation of the effects of the two oxidants, [NO−3 ] and [O2 ] was continued, and the effect of pH on the corrosion rate investigated. These experiments were performed
at much lower SA/V ratios to avoid the effects of corrosion product deposition. Electrochemical experiments determined that neither [NO−3 ] or pH affected the corrosion rate, supporting
the previous conclusion that NO−3 will strongly adsorb to the Cu surface providing protection
either as an adsorbed layer or by the generation of a stabilized Cu2 O film. Variations in [O2 ]
caused strong responses in both the corrosion potential (ECorr ) and polarization resistance (Rp )
measurements, establishing that [O2 ] dictated the overall corrosion rate under these conditions.
A slight corrosion rate increase with time was attributed to the slow accumulation of dissolved
Cu species, most notably Cu+ , which could then catalyze NO−3 reduction. It was determined
that O2 reduction followed first order kinetics, indicating that the first electron (e− ) transfer was
the rate determining step.
In chapter 5 the influence of NO−2 , a possible additional oxidant generated by NO−3 reduction, was investigated. NO−2 induced very rapid corrosion by reduction to NO regardless of the
additional solution conditions. In the absence of O2 and NO−3 , the corrosion rate was independent of [NO−2 ], resulting in general corrosion and preferential etching of grains. This indicated
that NO−2 reacted with Cu in the adsorbed state. When NO−3 and NO−2 were present without
O2 , competitive adsorption of the two anions lead to a strong effect of the [NO−2 ] : [NO−3 ] ratio,
with a high ratio resulting in more rapid corrosion but the formation of a non-protective Cu2 O
film, and a low ratio yielding a lower corrosion rate but with preferential grain etching. When
all three oxidants were present (NO−2 , NO−3 , and O2 ), corrosion proceeded very rapidly, but
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competition between the various species for adsorption sites lead to less defined concentration
trends. However, high ratios of [NO−2 ] : [NO−3 ] still resulted in the generation of Cu2 O. Similar
trends were observed when experiments were performed at high SA/V ratios. NO−2 accelerated
the corrosion process, leading to a more rapid increase in the solution pH and more rapid deposition of an oxide layer. Due to this increased rate, the generated films were less crystalline
and, in some cases, very thin, but capable of stopping further corrosion.
In chapter 6 the effects of Cl− , a common groundwater species expected to be present
in a DGR, on the corrosion mechanism was determined in HNO3 solutions. When O2 was
present, neither Cl− or NO−3 influenced the corrosion rate, further demonstrating that O2 was
the major oxidant. Cl− was not capable of inducing NO−3 reduction in small SA/V ratios when
O2 was present. When the SA/V ratio was high, Cl− induced some NO−3 reduction, but only
when the [NO−3 ] was low. This was thought to be due to the stabilization of Cu+ , the species
previously shown to catalyze NO−3 reduction, as CuCl2− . The major influence of Cl− was on
the nature of the resulting film. In the absence of Cl , either a film of Cu2 O and/or a deposit
of Cu2 O and Cu2 NO3 (OH)3 was formed under low [NO−3 ] or high [NO−3 ], respectively. In
the presence of Cl− , the corrosion product deposit consisted primarily of Cu2 Cl(OH)3 , with
higher [Cl− ] leading to a more compact film. Electrochemical measurements at this high SA/V
ratio demonstrated that the rapid corrosion occurring under such conditions was capable of
generating high local concentrations of dissolved Cu, leading to the formation of oxides.
The results of these studies can be summaried schematically as illustrated in Figure 7.1. In
the first stage, NO−3 was strongly adsorbed promoting the stability of the Cu surface. However,
in the presence of oxidants, such as O2 or NO−2 , corrosion was rapid and resulted in preferential grain etching. In stage two, sufficient dissolved Cu+ was accumulated to activate NO−3
reduction and the production of Cu2+ . This led to the activation of the catalytic corrosion cycle
involving the reaction of Cu2+ with Cu to regenerate Cu+ . This activation reaction also accelerated the corrosion rate by producing NO−2 which is rapidly further reduced to NO. For the
transition from stage 1 to stage 2 to occur, a sufficient concentration of dissolved Cu must be
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Figure 7.1: The three major mechanistic stages occurring as a result of Cu corrosion in HNO3 .
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established in solution. Stage 3 is the final stage of the mechanism in which a protective corrosion product deposit is formed on the Cu surface as a result of the supersaturation of the bulk
solution or by local accumulation of dissolved Cu species as a result of a very rapid corrosion
rate. The generation of this deposit is driven by the increase in solution pH as a result of H+
consumption by the various cathodic reactions. Thus, the transition from stage 2 to stage 3 is
more rapid at higher SA/V ratios. The anticipated conditions of Cu corrosion in HNO3 under
DGR conditions involve a wetted surface layer of HNO3 condensating or deliquescing as a
result of a salt particle on the container surface. As a result, the SA/V ratio will be extremely
high. This will lead to a very rapid accumulation of dissolved Cu when O2 is present, causing
the transition from stage 1 to stage 2 to be very rapid. The subsequent transition to stage 3
will be also be rapid since the corrosion process will very quickly consume the small amount
of available H+ in the small volume wetted layer, regardless of the initial pH. Therefore, corrosion product deposition will occur very rapidly, effectively stopping the corrosion process.
Thus, it can be concluded that even under the most active conditions, when significant oxidants
are present, the corrosion of the proposed container will induce its own passivation through the
rapid evolution of the solution chemistry and oxide deposition.

7.2

Future Work

This study has elucidated a basic mechanism for the corrosion of Cu under conditions which
try to simulate the influence of γ-irradiation of humid air when HNO3 is a potential oxidant.
However, it has not provided the essential information to assess the extent of corrosion damage
likely to accumulate on a waste container emplaced in a sealed DGR. The following issues
remain to be addressed.
• Studies on Cu specimens/coatings prepared by electrodeposition and cold spray deposition, which would be more representative of the container coatings, are required. Such studies
would provide information on the physical and metallurgical effects of the different coating
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technologies to be employed when fabricating containers. These studies could also offer guidance on how to optimize the fabrication process.
• Since it is presently difficult to determine the exact conditions produced radiolytically on
a container surface, a much wider range of nitric acid concentrations should be investigated to
more comprehensively cover possible DGR conditions.
• Humid air corrosion studies should be conducted in the presence of γ-radiation. These
experiments could further investigate the possible influence of [HNO3 ] as a function of temperature, relative humidity, and radiation dose rate. These studies would take into account the
effects of additional radiolysis products produced under humid conditions and in condensed
droplets (e.g., H2 O2 and radical species).
• Since the container will be surrounded by bentonite clay, this could affect the production
of HNO3 and its subsequent concentration at the Cu surface. This could be investigated in experiments containing different amounts of clay which would produce slurries or more compact
layers on Cu surfaces.
• Since Cu corrosion is known to be influenced by anion adsorption processes, the influence
2+
2−
−
of expected groundwater species (SO2−
4 , HCO3 /CO3 , Ca ) should be investigated.

• Further investigation into the adsorption of NO−3 and its corrosion inhibiting effects
should be conducted. A combination of surface enhanced Raman spectroscopy and scanningtunneling electron microscopy could be utilized to investigate the adsorption of the different
species and their interactions with the adsorbed NO−3 layer.
• Investigation into the catalytic effects of Cu+ on the NO−3 reduction reaction could be
investigated by studying the solution kinetics between the two species and by directly adding
Cu+ to corrosion experiments.
• A comprehensive model could be developed to accurately predict the accumulated corrosion penetration of Cu by the total inventory of HNO3 produced in a DGR.
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